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The  thermodynamic  properties  of  hydrobromic  acid  (HBr) 
acetic  acid  (HAc) ,  and  protonated  tr is- (hydroxymethyl) amino- 
methane  (TrisH-*")  have  been  determined  in  solvent  mixtures 
composed  of  water  and  N-methylacetamide  (NMA) ,  by  means  of 
emf  measurements  of  cells  without  transport.   All  measure- 
ments were  made  using  hydrogen  electrodes  and  silver- 
silver  bromide  electrodes. 

The  standard  potential  of  the  silver-silver  bromide 
electrode  was  determined  for  solvent  mixtures  containing 
0.06,  0.15,  0.25,  0.50,  and  1.0  mole  fraction  (X2)  of  NMA. 
These  mixed  solvents  have  dielectric  constants  varying  from 
87  to  171  at  35°C.   Standard  potentials  obtained  at  nine 
different  temperatures  from  5  to  45°C  were  used  to  derive 
the  mean  ionic  activity  coefficients  and  the  standard 
thermodynamic  constants  for  the  X2  =  0.06,  0.15,  0.25, 
and  0.50  solvents.   Observed  standard  potentials  were  all 


greater  in  the  mixed  solvents  than  in  water  at  the  same 
temperature . 

Similar  measurements  were  made  for  buffered  solutions 
of  HAc  and  TrisH+  with  X2  =  0.06,  0.15,  and  0.25  solvents. 
The  dielectric  constant  of  these  solvents  varied  from  87  to 
93.   The  emf  data  obtained  for  the  same  temperature  range 
were  used  to  determine  the  pK„  values  for  the  two  weak  elec- 
trolytes and  to  calculate  the  standard  thermodynamic  constants 
for  these  two  buffer  systems. 

The  pKa  of  acetic  acid  in  water  at  25°C  is  4.756.   Values 
of  pKa  determined  for  HAc  (at  25°C)  in  Xn  =  0.06,  0.15  and 
0.25  media  are  4.71,  4.86,  and  5.11  respectively.   For  TrisH 

the  r>K  values  are  8.075  in  water  and  7.70,  7.43,  and  7.29 

1  a 

for  X2  =  0.06,  0.15,  and  0.25  (at  25°C). 

The  standard  free  energy  changes  for  the  transfer  of 
the  HAc  and  TrisH   dissociations  from  water  to  the  high 
dielectric  constant  mixtures  show  trends  which  contradict 
a  purely  electrostatic  model  for  electrolyte  dissociation. 
The  trends  are  remarkably  similar  to  those  which  are  observed 
on  transfer  to  lower  dielectric  constant  media.   The  results 
further  demonstrate  the  importance  of  solute-solvent  inter- 
actions in  determining  electrolyte  equilibria.   The  standard 
transfer  enthalpies  and  entropies  (AH.,  and  A  St)  are  discussed 
in  terms  of  solute-solvent  effects  present  in  these  ionic 
systems . 


CHAPTER  I 
INTRODUCTION 


In  spite  of  the  large  amount  of  effort  expended  over 
the  past  20  years  by  a  number  of  investigators  (l-°9) j  rauch 
remains  unknown  about  the  basic  interactions  responsible  for 
the  observable  physical  and  chemical  properties  of  electro- 
lytic solutions . 

The  interactions  possible  in  any  given  electrolytic 
solution  are  those  between  individual  solute  species  (solute- 
solute)  ,  those  between  solute  species  and  individual  solvent 
species  (solute-solvent) ,  and  those  among  individual  solvent 
molecules  (solvent-solvent) .   Any  observed  solution  property 
will  result  from  the  sum  of  all  three  of  these  interaction 
types,  and  each  type  can  itself  be  broken  down  into  several 
different  processes. 

According  to  classical  thermodynamics,  the  quantity 

AG  =  GB  -  GA  (1) 

is  the  maximum  possible  work  extracted  from  the  process  of 
moving  a  species  from  state  A  to  state  B,  exclusive  of  any 
work  due  to  expansion  (PAV) .   The  term  G  is  referred  to 
as  the  "free  energy"  or  "Gibbs  energy"  for  the  process. 
This  free  energy  is  a  combination  of  the  enthalpy  and  entropy: 

G  =  H  -  TS  (2) 

where  H  is  the  enthalpy,  S  the  entropy,  and  T  the  thermody- 
namic temperature  in  kelvins . 


Because  of  physical  difficulties  in  independently  measur- 
ing or  calculating  enthalpy  and  entropy,  it  has  been  found 
convenient  to  use  G  in  describing  processes  involving  energy 
changes . 

The  chemical  potential  or  partial  molar  free  energy  of 
a  species  in  solution  is  defined  as 
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where  n.  is  the  number  of  moles  of  species  i.   If  a  chemical 
substance  i  is  free  to  react  with  another  species  it  will 
do  so  spontaneously  if  by  doing  so  it  ends  up  in  a  state  of 
lower  chemical  potential.   At  equilibrium  the  chemical  poten- 
tial must  be  constant  throughout  the  entire  phase  for  each  - 
substance . 

Thus,  if  an  electrolyte  is  in  a  state  of  equilibrium  in 
a  solution,  its  chemical  potential  or  free  energy  is  a  measure 
of  the  energy  environment  of  the  electrolyte.   This  environ- 
ment will  be  the  resultant  of  the  interactions  between  the 
solute  and  other  solute  species  (solute-solute  interactions) 
and  those  among  the  solute  and  the  solvent  (solute-solvent 
interactions) . 

It  is  necessary,  in  order  to  compare  and  add  free  energy 
equations  for  different  systems,  to  select  a  standard  state 
for  free  energy.   It  is  not  possible  to  determine  absolute 
values  of  the  free  energy.   For  this  reason,  one  chooses  a 
convenient  reference  state  for  the  substances  and  systems 


with  which  he  is  concerned  and  deals  only  with  differences 
in  free  energy  relative  to  this  standard  state.   The  activity 
function  a-  is  defined  in  terms  of  the  difference  between 
the  chemical  potential  in  a  given  state  and  the  standard 
state : 

V±   =  y?  +  RT  In  a.  (A) 

or,  for  the  mean  ionic  activity  a+  of  an  electrolyte  consis- 
ting of  v  ions . 

M±  =   y?  +  vRT  In  a+  (5) 

It  is  evident  that  the  activity  is  unity  in  the  standard  state. 
Since  a.  =  m.  Y-  where  nu  is  the  solute  concentration  and  Y. 
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is  called  the  solute  activity  coefficient,  the  state  a-    =  1 
can  be  further  defined  as  the  hypothetical  solution  of  m^  =  1 
with  Y-j_  =  1. 

As  one  approaches  infinite  dilution  (m-  =  0)  a  state  is 
reached  where  solute- solute  interactions  become  unimportant. 
Thus,  by  working  with  dilute  solutions  and  extrapolating 
measured  values  to  infinite  dilution,  one  can  minimize  the 
effects  of  solute-solute  interactions  on  the  measured  free 
energies.   This  means  that  standard  Gibbs  energies  will 
reflect  the  sum  of  the  solute-solvent  interactions  in  solu- 
tion and  may  be  used  to  gain  insight  into  this  particular 
class  of  solution  process.   The  free  energy  of  a  solute  may 
be  deduced  from  measurements  of  the  emf  of  galvanic  cells  in 
a  manner  which  will  be  described  later. 

The  facts  which  can  influence  the  free  energy  of  an 
electrolyte  in  solution  can  be  summarized  as  follows : 


1)   Electrostatic  effects 

a)  those  effects  which  arise  from  the  attraction  or 
repulsion  of  charged  species  in  solution  can  be  called  inter- 
ionic  forces . 

b)  the  stability  of  an  ion  pair  in  solution  is 
related  to  the  ability  of  the  solvent  molecules  to  form 
stabilizing  dipoles  which  lower  the  free  energies  of  the  ions 
through  solvation.   This  property  is  characterized  by  the 
bulk  solvent  dielectric  constant  and  its  effect  on  the  free 
energy  of  an  electrolyte  in  solution  is  described  by  the  Born 
equation  which  is  based  on  electrostatic  charging  (Coulombic) 
effects : 


AG£  (kcal  mol"1)  =  166  ( -1  -   _i  V_i  +  A\ 
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AG£  is  the  change  in  free  energy  of  a  solute  which  is  trans- 
ferred from  a  reference  solvent  w  to  another  solvent  s,  es  and 
ew  are  the  bulk  dielectric  constants  of  solvents  w  and  s,  and 
r ,  and  r_  are  the  ionic  radii  of  the  electrolyte  cation  and 
anion  respectively. 

2)   Ion-solvent  interactions 

a)  solvation  effects.   The  selective  solvation  of 
one  electrolyte  species  can  lead  to  species  stabilization. 

b)  basicity  effects.   The  basicity  of  the  solvent 
can  have  an  effect  on  solute  dissociation. 

c)  structural  effects.   Differences  in  solvent 
structure  may  influence  the  dissociation  process  by  affecting 


bulk  solvent  properties  such  as  dielectric  constant  or 
selective  solvation  (e.g.:  hydrogen-bonding). 
3)   Ionic  association. 

a)  the  formation  in  solution  of  ion  pairs, 

b)  homoconjugation, 

c)  or  higher  complexes  can  affect  the  free  energy 
of  the  solute  by  changing  the  way  it  interacts  with  its 
environment . 

Early  studies  of  electrolyte  thermodynamics  in  solvents 
other  than  water  led  to  the  belief  that  a  simple  electrostatic 
model  such  as  that  on  which  the  Born  equation  is  based  was 
sufficient  to  describe  the  behavior  of  electrolytes  in  all 
solvents.   It  soon  became  evident,  however,  that  even  with 
modifications  to  the  Born  theory  a  simple  electrostatic  model 
was  not  adequate  to  account  for  the  behavior  of  electrolytes 
in  the  non-aqueous  solvents.   This  became  strikingly  apparent 
when  measurements  were  made  in  solvents  of  dielectric  con- 
stant higher  than  that  of  water.   It  was  found  that  some  acids 
have  lower  dissociation  constants  in  a  higher  dielectric  med- 
ium, in  direct  contradiction  of  electrostatic  theory.   It  was 
therefore  obvious  that  such  processes  as  ionic  association, 
selective  solvation,  solvent  basicity,  and  structural  effects 
might  be  more  important  than  electrostatic  effects  and  had 
to  be  taken  into  account  in  any  descriptive  model  of  electro- 
lyte solutions .   The  problem  was  to  find  a  method  by  which 
these  various  processes  could  be  separated  from  one  another 
and  studied  individually. 


Several  methods  have  been  applied  to  this  problem.   The 
main  idea  behind  most  of  them  is  to  study  the  thermodynamic 
behavior  of  electrolytes  in  a  way  which  allows  one  to  deter- 
mine free  energies  as  a  systematic  function  of  electrolyte 
type  and  solvent  properties. 

According  to  the  Born  equation  (eqn.  6)  the  electro- 
static contribution  to  the  free  energy  change  from  one  sol- 
vent to  another  will  be  proportional  to  the  difference  between 
the  reciprocals  of  the  dielectric  constants  of  the  solvents. 
This  leads  to  the  conclusion  that  if  one  can  study  the  behav- 
ior of  electrolytes  in  a  series  of  solvents  having  essen- 
tially the  same  dielectric  constant,  any  changes  in  the 
free  energies  of  the  electrolytes  should  be  due  to  effects 
other  than  dielectric  effects.   This  approach  has  been  explored 
by  several  authors    ~   .   It  has  also  been  pointed  out  that 
interionic  association  will  be  affected  by  the  bulk  solvent 
dielectric  constant  and  that  by  working  in  media  of  relatively 
high  dielectric  constant  solute-solute  effects  should  be  vir- 
tually eliminated. 

Electrolytes  may  be  classified  according  to  the  charge 
types  of  the  undissociated  and  dissociated  species.   For 
example,  both  HBr  and  acetic  acid  (HAc)  are  neutral  molecules 
which  dissociate  into  a  positive  cation  and  a  negative  anion. 
Any  electrostatic  processes  in  a  solution  containing  this 
type  of  electrolyte  will  tend  to  shift  the  dissociation  equili- 
brium in  one  direction  or  another  depending  on  the  forces 


exerted  on  the  individual  species.   Other  acids  such  as  the 
ammonium  ion  (NHt)  or  protonated  tris  (hydroxymethyl) amino 
methane  (TrisH  )  are  positively  charged  cations  which 
dissociate  to  form  a  neutral  molecule  and  another  cation  (H+) . 
In  this  case,  any  purely  electrostatic  force  should  have  a 
minor  effect,  if  any,  on  the  dissociation  equilibrium. 

Although  it  is  not  very  difficult  to  find  a  series  of 
individually  pure  solvents  in  which  a  particular  property 
(e.g.  dielectric  constant,  basicity,  hydrogen  bonding 
ability)  varies  consistently,  it  would  be  virtually  impossible 
to  select  a  series  of  solvents  in  which  all  of  the  solvent 
properties  affecting  their  interactions  with  electrolytes 
varied  in  a  consistent  manner.   If,  however,  one  takes  two 
solvents  of  differing  dielectric  constant,  basicity,  solvat- 
ing  power,  etc.,  and  makes  a  series  of  mixtures  consisting  of 
various  mole  fractions  of  each  of  the  two  components,  a  series 
of  media  can  be  obtained,  in  which  all  of  the  physical 
properties  will  vary  in  a  smooth  fashion.   Bates (6)  has  pointed 
out  that  such  a  mixture  can  be  treated  as  a  single  solvent 
species  even  though  it  is  composed  of  two  different  types  of 
molecules . 

By  studying  the  thermodynamic  behavior  of  electrolytes 
(particularly  acids  and  bases)  of  differing  charge  types,  in 
such  a  series  of  solvents  much  insight  has  been  gained  into 
the  processes  which  affect  the  free  energies  of  these  electro- 
lytes in  solution.   Many  such  studies  have  been  carried  out 
and  have  added  much  to  our  understanding  of  electrolytic  solu- 
tion behavior. 


CHAPTER  II 
REVIEW  OF  PREVIOUS  STUDIES  IN  MIXED  SOLVENTS 

Solvents  With  Dielectric  Constant  Less  Than  78 

The  work  which  has  been  done  to  date  on  the  thermodynamics 
of  electrolytes  can  be  divided  logically  into  three  main 
categories.   These  categories  are:  1)  isodielectric  mixtures; 
2)  mixtures  or  pure  solvents  of  dielectric  constant  less 
than  78;  and  3)  mixtures  or  pure  solvents  of  dielectric 
constant  greater  than  78. 

Early  work  in  the  field  dealt  only  with  solvents  of 
relatively  low  dielectric  constant.   The  number  of  low 
dielectric  constant  solvents  studied  to  date  is  large.   Table 
1  lists  many  of  these  solvents  together  with  their  dielectric 
constants,  the  electrolytes  studied,  and  a  reference  to  the 
paper  in  which  the  study  is  reported.   This  list  is  not  compre- 
hensive and  is  only  presented  to  indicate  generally  the  sol- 
vents which  have  received  the  most  attention. 

The  earliest  work  in  nonaqueous  solvents  was  done  in 
mixtures  of  water  and  methanol.   The  thermodynamic  properties 
of  HC1  and  HBr  were  studied  extensively  as  methanol  is 
added  to  a  water /methanol  mixture.   Furthermore,  the  dissocia- 
tion constants  of  such  weak  acids  as  acetic  acid  and  protonated 
tris  (hydroxymethyl)  aminomethane  were  determined  as  a  function 
of  the  fraction  of  methanol  in  mixture  with  water.   In  addi- 
tion studies  were  carried  out  in  mixtures  of  other  alcohols 


Table  1.   Emf  Studies  in  Solvents  Having  a  Dielectric 
Constant  Less  Than  78. 

Solvent  System  e  Electrolyte      Ref . 

Propylene  Carbonate/H20   61.5-78.3  HC1  7 

Dimethylsulfoxide/H20    46.4-78.3  HCl.HBr.HI       8 

Tetramethylenesulfone    43.3-78.3  HC1  9 

(sulfolane)/H20 

Glycerol/H20  42.5-78.3  HAc  10 

Ethylene  Glycol/H20 


Ethylene  Glycol 
Propylene  Glycol 
Methanol/H20 

2-Methoxyethanol 

Ethanol/H20 

Tetramethylurea/H„0 

t-Butylalcohol/H20 

Dioxane/H~0 

Dimethylformamide/CCl4    7.9-36.7   HC1  27 


40 

7-78 

3 

Tris (hydroxy- 
methyl)methyl- 
aniline ,  p- 
nitroanilinium 

11 

40 

7 

HI 

12 

31 

0 

HBr,  HI 

12 

32 

6-78 

3 

TrisH+,  HAc, 

HBr,NH,Cl'+HCl 
4 

13- 

•18 

31 

5-78 

3 

HC1 

19 

20 

24 

4-78 

3 

HAc 

21 

23 

4-78 

3 

HC1 

22 

22 

3-78 

3 

HBr,  HI 

23 

24 

2 

2-78 

3 

HAc 

25, 

26 

10 


with  water,  and  particular  interest  has  centered  on  the  study 
of  acid  dissociation  in  dioxane/water  media.   Much  of  the 
interest  in  dioxane  has  been  due  to  its  lack  of  hydrogen 
bonding  character  which  allows  one  to  study  the  effects  of 
a  solvent  which  does  not  have  the  hydrogen  bonding  capability 
of  most  alcohols . 

It  appeared  that  the  results  of  the  early  studies  could 
be  fairly  well  described  in  terms  of  purely  electrostatic 
effects.   Nevertheless,  it  became  apparent  with  the  collection 
of  more  data  that  this  approach  was  inadequate.   Although 
acid  dissociation  did  decrease  as  predicted,  the  Born  equation 
did  not  quantitatively  account  for  the  measured  free  energy 
changes,  and  even  modifications  of  the  Born  equation,  such  as 
that  proposed  by  Hepler,  failed  to  do  so.   This  was  particu- 
larly evident  when  the  dissociation  constants  of  cationic 
acids  of  the  type  BH+  were  measured  and  found  to  change 
considerably  from  solvent  to  solvent.   Additionally,  in 
certain  mixed  solvent  systems  the  dissociation  constant  of 
BH  acids  was  found  to  have  a  maximum  value.   An  electro- 
static model  such  as  the  Born  equation  cannot  explain  such 
a  change  for  an  isoelectric  process. 

Another  failure  of  the  purely  electrostatic  model  was 
its  inability  to  account  for  changes  in  free  energies  of 
transfer  of  acids  between  solvents  with  essentially  the 
same  dielectric  constant.   Some  of  these  "isodielectric" 
systems  studied  are  listed  in  Table  2.   Unfortunately,  the 
dielectric  constants  of  isodielectric  solvent  mixtures  are 
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Table  2.   Emf  Studies  in  Isodielectric  Solvents. 

Solvent  System  e      Electrolyte        Ref . 


Acetonitrile/ Ethylene - 
Glycol 

40.7- 

-43 

6  HC1 

1 

Methanol/ Propyl ene- 
Glycol 

31.0- 

32 

6  HCl.HBr.HAc 

2-4 

H20 

78.3 

KC10, ,  KI 
4 

5 

Ethylene  Carbonate/ 
Methanol 

78.5 

ii 

H 

Ethylene  Carbonate/ 
Acetone 

78.1 

ii 

H 

Ethylene  Carbonate/ 
Acetonitrile 

78.4 

M 

ii 

Ethylene  Carbonate/ 
Sulfolane 

78.5 

ii 

"  Vc 

Methanol 

32.7 

1 1 

n 

Ethanol/ Sulfolane 

32.5 

M 

ii 

Benzene /Sulfolane 

32.8 

ii 

ii 

Benzene /Acetonitrile 

32.6 

ii 

IIJU 

^Conductance  Measurement 
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not  usually  equal  at  more  than  a  single  temperature'  °' , 
making  them  unsuitable  for  the  strict  comparison  of  thermo- 
dynamic functions  (such  as  enthalpy  and  entropy  changes) 
which  require  data  at  more  than  one  temperature. 

The  importance  of  ion-ion  interactions  in  the  dissocia- 
tion equilibrium  is  also  enhanced  in  media  of  low  dielectric 
constant.   These  interactions  are  difficult  to  evaluate  and 
cannot  be  separated  from  the  simultaneously  occurring  solute- 
solvent  effect.   Altogether,  interpretation  of  such  data  is 
a  rather  difficult  matter. 

Solvents  With  Dielectric  Constant  Greater  Than  78 

In  I960,  Mandel  and  Decroly  reported  the  dissociation 
constant  of  acetic  acid  in  formamide (29) _   This  solvent  has 
a  dielectric  constant  of  109.5  at  25°C,  which  is  considerably 
higher  than  that  of  water,  the  highest   dielectric  constant 
solvent  for  which  acid  dissociation  data  had  been  available 
up  to  that  time.   The  pKa  reported  was  6.82,  considerably 
higher  than  the  pKa  of  4.76  for  this  acid  in  water,  in  direct 
opposition  to  the  trend  in  pKa  predicted  by  electrostatic 
theory.   Since  that  first  publication,  considerable  attention 
has  been  given  by  a  number  of  investigators  to  that  class  of 
solvents  having  a  dielectric  constant  greater  than  that  of 
water.   Because  of  the  high  dielectric  constant  of  these  media 
it  can  be  assumed  that  solute-solute  interactions  will  play 
an  insignificant  role  in  accounting  for  any  measured  solute 
free  energies.   Consequently,  the  seemingly  anomalous  behav- 
ior of  electrolytes  in  these  media  can  be  ascribed  in  large 
part  to  solute-solvent  interactions. 
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In  spite  of  the  interest  in  this  class  of  solvents, 
relatively  few  such  media  have  been  studied  during  the  past 
18  years.   This  is  due  to  the  small  number  of  such  liquids 
which  are  easily  obtainable  in  sufficient  purity  and  with 
sufficient  stability  to  be  used  in  thermodynamic  studies. 
In  addition,  few  such  solvents  have  been  found  to  form  solu- 
tions which  can  give  a  stable,  reversible  emf  in  galvanic 
cells  using  the  best  of  the  available  electrodes. 

Since  the  first  report  of  work  in  this  medium,  the 
majority  of  studies  have  been  made  in  f ormamide .   Authors 
reporting  work  in  this  solvent,  besides  Mandel  and  Decroly(30) , 
are  Nayak  together  with  several  co-workers (31-39)  an(j  Morcum 
and  Muju(40).   The  electrolytes  studies  include  acetic  acid, 
HC1,  HBr ,  HI,  formic  acid,  picric  acid,  and  phthalic  acid. 

Koztowski  and  Wasiak(41)  have  reported  the  standard 
electrode  potential  of  the  silver-silver  chloride  electrode 
in  mixtures  of  formamide  with  methanol.   Halle  and  Bates (42) 
reported  thermodynamic  values  for  HC1  in  water  plus  50  mass 
percent  ethylene  carbonate,  a  mixture  having  a  dielectric 
constant  of  82.5. 

N-methylpropionamide  (NMP)  has  a  very  high  dielectric 
constant,  namely  176  at  25 °C.   Etz  and  co-workers (43 , 28)  have 
studied  the  thermodynamics  of  HC1 ,  acetic  acid,  and  protonated 
tris  (hydroxymethyl)  aminomethane  (TrisH  )  in  this  solvent. 
Bokra  and  Bates  (44)  ancj  Bates  et  al.(45)  have  also  determined 
energies  and  solute-solvent  effects  in  the  dissociation  of 
TrisH+  in  H„0/NMP  mixtures  using  emf  and  solubility  methods. 
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The  only  other  solvent  of  such  high  dielectric  constant 
used  for  the  study  of  electrolyte  behavior  is  N-methyl- 
acetamide  (NMA) .   This  solvent  has  a  dielectric  constant  of 
178  at  30°C  and  a  melting  point  of  approximately  30°C. 
Dawson  and  co-workers  have  reported  emf  measurements  of  HC1 
in  NMA  from  35  to  70°c(46,47)>  the  pKa  of  acetic  acid  in  NMA 
at  40°c(^°),  and  emf  measurements  of  HC1  in  mixtures  of 
NMA  and  dioxane'^9)    Halle  et  al.  have  also  reported  disso- 
ciation values  for  benzoic  acid  and  a  series  of  substituted 
phenols  in  mixtures  of  NMA  with  water (50), 

Table  3  summarizes  the  earlier  studies  relating  to  solute 
free  energies  in  solvents  having  a  dielectric  constant  greater 
than  that  of  water. 


15 


Table   3.   Emf  Studies  in  Solvents  Having  a  Dielectric 
Constant  Greater  Than  78. 


Solvent  System  e      Electrolyte      Ref . 

Methanol/Formamide         32.6-109.5    HCl  41 

H20/Ethylene  Carbonate     82.5 


HCl  42 


Dioxane/NMA  24.8-89.5     HCl  49 


H  O/NMA 


78,3-^180      Benzoic  acid    50 


NMA  165.540°  HCl,HAc  46-48 

NMP  176  HCl,HAc,TrisH+  43,28 

Methanol/NMP  32.6-176  TrisH+  44 

H  O/NMP  78.3-176  TrisH+  45 

Formamide  109.5         HCl,HAc,        29-40 

Picric  acid, 
Phthalic  acid, 
HBr,HI 


'vAt  25  °C,  unless  otherwise  noted. 


CHAPTER  III 
ELECTROLYTE  BEHAVIOR  IN  HIGH  DIELECTRIC  CONSTANT  MEDIA 


Behavior  of  Strong  Electrolytes 
As  described  in  the  Methodology  chapter  of  this 
dissertation,  the  standard  electrode  potential  (E°)  of  a 
silver-silver  halide  electrode  may  be  used  to  determine  the 
free  energy  of  transfer  (AG£)  of  a  hydrogen  halide  species 
from  one  solvent  to  another.   For  convenience  the  reference 
solvent  used  in  all  studies  up  to  this  time  has  been  water. 
The  transfer  free  energy  is  calculated  by  the  equation 

AG£  =  F  (E£  -  E°)  (7) 

for  the  transfer  process  which  can  be  represented  as 

HX  (standard  state  in  w)  =  HX  (standard  state  in  s)       (8) 
The  w  indicates  a  species  in  water  and  s  the  same  species  in 
another  medium. 

In  equation  7 ,  F  is  the  faraday  constant,  E°  is  the 
standard  potential  of  the  silver-silver  halide  electrode 
(equivalent  to  E°  for  cell  I)  in  pure  water,  and  E°  is  the 
same  quantity  in  the  nonaqueous  or  mixed  solvent.   From 
equation  7,  it  is  clear  that  if  E°  is  greater  than  E°  the 
free  energy  change  in  transferring  a  solvated  molecule  from 
water  to  the  nonaqueous  solvent  will  be  negative.   This  would 
be  an  indication  that  the  electrolyte  is  stabilized  more 
effectively,  and  that  the  solute-solvent  interactions  are 
stronger   in  the  nonaqueous  medium  than  in  water. 


16 


17 


In  addition,  mean  ionic  activity  coefficients  (y±)  for  a 
strong  electrolyte  can  be  calculated  from  the  emf  data  used 
to  determine  E° .   These  activity  coefficients  can  provide 
some  understanding  as  to  the  identity  of  solutions  of  the 
solute . 

The  work  of  Koztowski  and  Wasiak^1^  in  methanol /form- 
amide  was  published  in  an  inaccessible  Polish  journal; 
however,  some  of  the  results  are  available  from  Chemical 
Abstracts.   The  cell 

Pt;  H„  |HC1  (in  solvent  s)  |  AgCl ;  Ag  (I) 

was  used,  and  the  standard  emf  of  the  cell  was  reported  to 
be  higher  in  the  mixtures  than  in  the  pure  solvent  components 
The  value  for  E^ crQl/Az   increased  both  with  addition  of 
formamide  to  methanol  and  with  addition  of  methanol  to 
formamide,  reaching  a  maximum  at  70  mole  percent  formamide. 
This  indicates  that  the  free  energy  of  HCl  is  lower  in 
methanol /formamide  mixtures  than  in  either  formamide  or 
methanol,  and  that  a  mixture  containing  70  mole  percent 
formamide  stabilizes  HCl  more  effectively  than  does  either 
solvent  alone.   Since  the  Born  equation  would  predict  a 
continuous  increase  in  EjL-ci/Ag  from  Pure  methanol  to  pure 
formamide,  there  are  obviously  strong  selective  solvation 
effects  operating  in  the  mixed  media  which  are  controlling 
the  observable  thermodynamic  values. 

The  standard  potentials  for  the  silver-silver  halide 
electrodes  in  solvents  with  dielectric  constant  greater 
than  78  are  listed  in  Table  4.   Among  the  data  available, 
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Table   4.   Standard  Potentials  (E°)  for  Silver- Silver  Halide 
Electrodes  in  Solvents  of  Dielectric  Constant 
Greater  Than  78. 


Solvent 

170.8 

E 

°AqX/Aq 

(V) 

X=      CI 

0.2119 

Br 

I 

NMA35°t46>a 

nmp'43' 

176 

0.16724 

Form amide 

109.5 

0.1986 C32) 

0 

,0978{33J 

-0 

0996(33) 

Dioxane/NMA^jo 

89.5 

0.1677 

H20/E.C. (42) 

82.5 

0.1931 

MeOH/NMP l       ; 

57.6 
59.0 
63.7 
84.4 

0.1022 
0.1301 
0.1528 
0.1653 

f  45) 

I^O/NMP  V    D1 

80.0 
80.8 
83  ,  0 
90.3 

0.2294 
0.2357 
0.2395 
0.2346 

H2° 

78.3 

0.2223  (-671 

0 

0712  (51) 

-0. 

1522C52) 

C35°] 

74.8 

0.2156 

0 

0658 

-0. 

1559 

C40°l 

73.1 

0.2121 

0. 

0631 

-0. 

1579 

* 

At  25 °C  unless  otherwise  noted. 

aLiterature  Reference, 
E.C.=  Ethylene  Carbonate 


19 


the  free  energies  of  transfer  of  HBr  and  HI  exist  only  for 
formamide.   The  only  strong  electrolyte  for  which  any 
general  information  is  available  is  HC1  . 

As  Table  4  shows,  the  E°  for  the  silver-silver  chloride 
electrode  is  lower  in  all  other  solvents  than  it  is  in 
water.   This  means  that,  in  spite  of  lowering  of  the  free 
energy  of  HC1  by  dielectric  effects,  solvent-HCl  interactions 
(solvation)  are  less  favored  thermodynamically  in  these 
nonaqueous  solvents  than  in  water.   This  is  generally 
attributed  to  the  extremely  strong  solvating  power  which 
water  has  over  the  hydrogen  ion  (IT*")  and  to  the  high  dipole 
moment  of  the  water  molecule.   This  can  also  be  interpreted 
as  meaning  that  water  is  a  stronger  base  than  the  other 
solvents.   It  is  also  an  indication  of  the  high  hydrogen 
bonding  capabilities  of  H  by  water. 

The  selective  solvation  of  H  by  water  is  further 
reflected  in  the  fact  that  HBr  and  HI  have  higher  free 
energies  in  formamide  than  in  water.   This  is  a  trend  observed 
commonly  in  many  nonaqueous  media  of  low  dielectric  constant 
and  can  be  ascribed  in  part  to  more  favorable  solvation  of 
Br~  and  I"  ions  by  solvents  other  than  water.   This  phenomenon 
can  also  be  explained  in  terms  of  the  "structure  breaking" 
effects  of  the  large  negative  ions  on  the  tight .hydrogen 
bonded  structure  of  water  and  in  terms  of  the  inability 
of  water  molecules  to  solvate  large  negative  ions  as 
effectively  as  the  smaller  ions. 

Although  these  effects  of  a  change  in  solvent  or 
solvent  composition  on  free  energies  and  chemical  equilibria 
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are  well  established  in  a  qualitative  sense,  it  is  still 
impossible  to  predict  quantitatively  the  changes  that  will 
occur  in  these  complex  systems.   A  fuller  understanding  of 
solvent  effects  will  come  only  with  the  accumulation  of  a 
considerable  body  of  accurate  experimental  data,  and 
interpretation  of  the  results  must  remain  somewhat  specula- 
tive for  some  time  to  come. 

Behavior  of  the  Weak  Electrolytes 
Acetic  Acid  and  Protonated  Tris 

In  1932  Harned  and  Ehlers^   '  showed  that  the  dissocia- 
tion constant  of  acetic  acid  (HAc)  could  be  determined  by 
emf  measurements  of  the  cell 

H2  |  HAcCn^),  NaAc(m2),  NaCl(m3)  |  AgCl;Ag         (II) 
Since  then,  many  have  regarded  HAc,  with  justification,  to 
be  the  archetype  of  weak  acids  and  have  selected  it  for  study 
in  mixed  solvents  as  well  as  in  other  pure  solvents. 

Among  weak  acids  of  the  type  BH+,  protonated  tris  (hydrox- 
ymethyl)  aminomethane  (TrisH+)  has  already  been  extensively 
studied  in  water  and  most  of  the  other  nonaqueous  solvents, 
including  a  number  with  very  high  dielectric  constants.   The 
popularity  of  this  acid  for  solution  equilibrium  studies 
is  probably  due  to  the  fact  that  the  free  base  (Tris)  is 
easily  obtainable  as  a  pure  stable  solid. 

These  two  acids  are  typical  of  a  large  number  of  similar 
acids  and  are  often  selected  as  being  typical  of  acids  of 
their  charge  types  in  thermodynamic  equilibrium  studies. 
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Table  5  lists  the  available  pK  values  for  HAc  and  TrisH 

3. 

at  25°C  in  solvents  with  dielectric  constants  greater  than 
or  equal  to  that  of  water. 

For  an  acid  dissociation  of  the  form 

HA  +  S  =  A  +  SH+  (9) 

where  HA  is  an  acid  and  A  its  conjugate  base,  S  a  solvent 
molecule  which,  as  stated  previously,  may  be  either  a  pure 
or  mixed  medium,  SH   is  a  solvated  hydrogen  ion,  and  K*~   is 
a  hydrogen  ion,  the  free  energy  of  dissociation  (AG°)  diss, 
will  be  the  summation  of  the  free  energies  on  the  right-hand 
side  of  equation  9  minus  the  sum  of  the  free  energies  on  the 
left.   Consequently,  any  process  which  lowers  the  free  energy 
of  the  dissociation  products  will  promote  dissociation  (or 
lower  pK  )  and  any  process  that  lowers  the  free  energies  of 
the  undissociated  species,  or  increases  the  free  energies 
of  the  dissociation  products,  will  increase  pKa . 

The  free  energy  change  on  the  transfer  process  represen- 
ted by  equation  9  from  water  to  another  solvent  can  be  cal- 
culated from  the  equation 

AG°(diss)  =(R  T  tolO)  (psKa  -  pwKa)  (10) 

for  the  transfer  process 

H+(w)  +  A(w)  +  HA(s)  =  H+(s)  +  A(s)  +  HA(w)        (11) 
where  (w)  refers  to  water  and  (s)  to  another  solvent.   From 
this  relationship  one  can  see  that  the  larger  is  the  value 
of  pK   in  water  the  less  favorable  is  the  dissociation  process 
in  the  nonaqueous  solvent,  or  more  simply  the  dissociation 
equilibrium  will  be' shifted  to  the  left  in  the  nonaqueous 
medium. 
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Table   5.   Values  of  pK   for  Acetic  Acid  and  Protonated- 

Tris Chydroxymethyl) aminomethane  in  High  Dielectric 
Constant  Media  . 


Solvent 

c 

** 
pK 

*   a 

Ref . 

Acetic 

Acid 

NMP 

176 

7.99 

43 

NMAC40O) 

165.5 

7.15 

48 

Form amide 

109.5 

6.82,6.91 

29,34 

H20 

78.3 

4.76 

54 

C40°) 

73.1 

4.77 

54 

TrisH' 


NMP 

176 

8,83 

28 

MeOH/NMP 

57.6 

9.08 

44 

59.0 

8.68 

63.7 

8.48 

84.4 

8.53 

H^O/NMP 

80.0 

7.87 

45 

80.8 

7.66 

83.0 

7.44 

90,3 

7.40 

H20 

78.3 

8.07 

55 

C40°) 

73.1 

7.68 

*   At  25°C  unless  otherwise  noted. 
**  Molality  Scale 


23 


As  can  be  seen  in  Table  5,  all  of  the  values  of  pK  for 

'  r  a 

HAc  measured  in  media  with  a  dielectric  constant  greater  than 
78  (at  25°C)  are  higher  than  those  in  water.   Since  electrosta- 
tic forces  would  tend  to  make  the  pK  values  lower,  there 

r  a 

are  apparently  very  strong  interactions  between  the  non- 
aqueous solvents  and  the  individual  species  which  shift  the 
equilibria  to  the  left.   These  forces  could  be  the  prefer- 
ential solvation  of  the  H   ion  by  water,  structure  breaking 
effects  of  the  acetate  ion  on  hydrogen  bonding  solvents  such 
as  NMP,  or  strong  stabilization  of  undissociated  HAc  by  hydro- 
gen bond  formation  with  such  solvents. 

An  additional  point  of  interest  lies  in  the  observed 
change  of  values  of  pK  for  HAc  as  a  function  of  temperature. 
In  water  HAc  and  most  acids  of  the  same  charge  type  have 
pK  values  which  vary  parabolically  with  temperature,  showing 
a  minimum  in  pK  .   This  behavior  has  been  the  subject  of 
much  theoretical  conjecture  concerning  the  cause  of  this 
variation.   In  formamide^°'  a  similar  minimum  is  observed 
for  acetic  and  formic  acids  near  30°C.   In  NMP,  however, 
the  value  of  pKa  for  HAc  decreases  steadily  from  5  to  55°C, 
and  any  minimum  occurs  outside  of  this  temperature  range. 

For  the  dissociation  of  TrisH-1",  no  change  in  Born  free 
energy  due  to  the  change  in  dielectric  constant  as  the 
solvent  composition  is  changed  is  expected.   As  can  be  seen 
in  Table  5,  for  the  few  solvents  studied,  the  value  of  pK 
of  TrisH   can  be  either  greater  than  or  less  than  that  in 
water.   The  free  energy  of  transfer  for  the  TrisH"1"  equili- 
brium from  water  to  solvent  s  (an  isoelectric  process)  can 
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be  described  solely  in  terms  of  interactions  between  the 
dissociated  and  undissociated  solute  species  and  the  solvent 
molecules.   Further  information  concerning  the  selective 
interactions  between  a  solvent  and  the  individual  species 
TrisH  ,  H',  and  Tris  can  be  obtained  by  determination  of 
the  individual  transfer  energies  AG£(TrisH+),  AC-^CH4"),  and 
AG£(Tris).   These  free  energies  can  be  derived  from  che 
AG£  for  HC1  between  the  same  solvents  combined  with  measure- 
ments of  the  solubilities  of  Tris  and  TrisHCl  in  the  media 
being  studied(44 > ^5> . 

The  pK  vs.  temperature  curve  for  TrisK~  shows  no 
minimum  or  maximum  in  either  water  or  any  nonaqueous 
medium  in  the  temperature  range  for  which  data  are  available. 
This  is  characteristic  also  of  other  protonated  bases  and 
for  water  itself  (70) . 


CHAPTER  IV 
PRELIMINARY  STUDY 


The  primary  purpose  of  this  dissertation  was  to  study 
the  thermodynamic  properties  of  different  acids  in  an 
unreported  solvent  mixture  in  the  hope  of  shedding  additional 
light  upon  the  nature  of  solute-solvent  interactions.   The 
first  necessary  step  was  to  find  a  solvent  system  which 
would  give  a  stable,  reversible  emf  in  a  cell  of  the  form 

Pt;H2  (g,  latm)|HX  (in  solvent  s)  |  AgX;Ag      (III) 
where  X  is  a  halide  ion,  originally  planned  to  be  Cl~.   To 
this  purpose,  solutions  containing  0.05  m  HC1  were  made  in  a 
variety  of  solvent  mixtures  containing  0.50  mole  fraction  of 
methanol  plus  another  nonaqueous  solvent,  and  the  emf  of  this 
solution  in  a  cell  without  transport  was  monitored  over  a 
period  of  several  days . 

Cells  were  prepared  for  methanol  plus  propylene  carbon- 
ate, ethylene  carbonate,  dimethylsulf oxide,  sulfolane,  aceto- 
nitrile,  and  N-methylpropionamide .   None  of  these  cells  ex- 
hibited what  was  considered  sufficient  stability  of  the  emf 
to  make  the  solutions  suitable  for  the  type  of  precise  study 
contemplated.   Mixtures  of  0.50  mole  fraction  methanol  plus 
NMA  and  0.50  mole  fraction  water  plus  NMA  did  not  show 
quite  enough  stability  in  a  cell  containing  HCl  and  the 
silver-silver  chloride  electrode.   They  were,  however,  stable 
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26 
enough  that  it  was  decided  to  make  a  cell  of  0.50  mole 
fraction  NMA  plus  water  with  0.05  m  HBr  with  hydrogen  and 
silver- silverbromide  electrodes.   This  cell  exhibited  an  emf 
which  was  stable  to  within  ±  0.1  mV  for  over  four  hours  and 
not  dependent  on  the  flow  rate  of  H„  gas. 

Although  NMA  is  a  solid  below  approximately  30°C,  it  has 
a  dielectric  constant  of  170  at  35°C,  is  non-toxic  and  is 
relatively  easy  to  purify.   In  addition,  several  electrodes 
have  been  shown  to  be  stable  in  its  solutions.   It  also 
dissolves  readily  in  water  forming  a  series  of  solvents 
with  dielectric  constants  ranging  from  78  to  110  at  25°C, 
without  exceeding  an  NMA  mole  fraction  (Xo)  of  0.50.   No 
data  have  been  reported  to  date  for  the  standard  potential 
of  the  silver-silver  bromide  electrode  in  NMA,  nor  have  any 
emf  studies  been  made  in  mixtures  of  NMA  with  water. 

In  August  of  1950,  Mizushima  et  al.  ''■*-)  reported  an 
extensive  spectroscopic  study  of  the  physical  structure  of 
NMA.   Using  the  Raman  effect,  infrared  absorption,  ultra- 
violet absorption  and  the  measured  dipole  moment  of  NMA, 
they  determined  that  NMA  consists  of  discrete  molecules 
with  the  formula  CHoCONHCHo  and  that  in  the  liquid  state 
these  molecules  are  highly  associated  by  means  of  hydrogen 
bonding  in  a  trans  configuration  such  as  that  illustrated  in 
Figure  1 . 

In  order  to  attempt  to  look  at  the  four   types  of  solute- 
solvent  interactions  mentioned  earlier  (e.g.:  dielectric, 
solvation,  basicity,  and  structure  effects),  the  following 
series  of  studies  was  carried  out. 
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Figure  1.   Hydrogen  Bonded  Trans  Configuration  of  WMA. 
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In  order  to  observe  the  general  basicity  and  solvating 

effects  of  the  solvent  mixtures ,  the  standard  potentials  of 

the  silver-silver  bromide  electrode  were  determined  for 

solutions  of  hydrobromic  acid  in  0.06,  0.15,  0.25,  0.50, 

and  1.0  mole  fraction  (X„)  of  NMA.   The  standard  potentials 

for  the  electrode  at  X2  =  0.06,  0.15,  0.25,  and  0.50  were 

also  determined  individually  at  nine  different  temperatures 

ranging  from  5  to  45°C  at  5  degree  intervals.   These  standard 

potentials  taken  as  a  function  of  temperature  could  be  used 

together  with  the  emf  of  the  cell   to  calculate  the  mean 

ionic  activity  coefficients  for  HBr  (Yugr)  in  the  solvent 

mixtures  and  the  related  changes  in  standard  thermodynamic 

values  of  Gibbs  energy,  enthalpy,  and  entropy  (AG°   AH£ ,  and 

AS°)  for  the  transfer  of  HBr  from  pure  water  to  the  solvent 

mixtures.   In  addition  to  shedding  some  light  on  the  behavior 

of  a  strong  acid  in  the  H2O/NMA  solvent  system,  the  standard 

potentials  so  obtained  can  be  used  in  the  determination  of 

the  dissociation  constants  of  other  acids  in  the  same  solvents, 

using  the  same  electrochemical  cell. 

It  was  also  decided  to  determine  the  pK  of  acetic  acid 

in  the  HnO/NMA  solvent  mixtures  having  Xo  =  0.06,  0.15,  and 

0.25  using  the  cell 

Pt;H   I  HAc(m  ),  NaAc(m2),  NaBr(m3)  |AgBr;Ag        (IV) 

by  the  same  method  used  by  Harned  and  Ehlers  -)-5'' .   The  pKa 

values  were  also  determined  at  nine  temperatures  at  5  degree 

intervals  from  5  to  45°C.   The  results  make  possible  the 

calculation  of  the  changes  in  standard  thermodynamic  functions 

(AG°,AH°,  AS°,  and  AC°)  for  the  dissociation  of  HAc  in  the 
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solvent  medium  as  well  as  the  changes  in  standard  thermody- 
namic functions  (AG°   AH°   and  AS£)  for  the  transfer  of  HAc 
t    t        u 

dissociation  from  pure  water  to  the  solvent  mixtures. 

The  pKa  values  of  TrisH  were  determined  in  X2  =  0.06, 
0.15,  and  0.25  H^O/NMA  solvents  as  a  function  of  temperature 
Again  the  values  of  pK  were  used  to  calculate  standard 
thermodynamic  functions  of  dissociation  and  dissociation 
transfer . 


CHAPTER  V 
METHODOLOGY 


Standard  Potentials 


In  general,  the  cell  used  in  all  of  the  work  reported 
here  can  be  represented  as 

Pt;H2(g,latm)  |  HBr(m)  in  solvent  s  |  AgBr;Ag     (V) 
where  m  is  molality  (mol/kg) .   The  reaction  within  this  cell 
which  results  in  the  cell  emf  can  be  represented  as 

H2  +  2AgBr  =  2Ag  +  2H+  +  2Br~  (12) 

From  the  relation  AG  =  -nFE  for  the  above  cell  and  cell 
reaction  it  can  be  shown  that  the  measured  emf  (E)  of  this 
cell  obeys  the  Nernst  equation: 

E  =  E°  -^lnaH+  afir_  (13) 

where  E°  is  the  standard  emf  of  the  cell  which,  by  definition, 
is  also  the  standard  potential  of  the  AgBr/Ag  electrode, 
since  the  left  electrode  is  the  standard  hydrogen  electrode 
(SHE).   R  is  the  ideal  gas  constant,  T  is  the  thermodynamic 
temperature,  F  is  the  faraday  constant,  and  air+  and  agr-  are 
the  activities  of  the  hydrogen  and  bromide  ions  respectively. 

This  relation  can  be  further  broken  down  to  the  form 
E  =  E°  -  R£  In  (m^f  mfir_)  -  f  In  (y^      y^_)  (14) 

where  m^+  and  mR   refer  to  the  molal  concentrations  of  H"*" 
and  Br~  in  solution  and  y-^+   an<^  YBr"  are  the   activity 
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coefficients  of  the  ions.   From  this  it  is  seen  that 


E  =  E°  -  2^  In  (m)  -  2*T  In  (y+  )  (15) 

if  m  is  the  molality  of  HBr  in  solution  and  y+  is  the  mean 
ionic  activity  coefficient  of  HBr  in  the  solution. 

Purely  for  the  sake  of  convenience,  this  relation 
can  be  written: 

E  =  E°  -  2klog  (m)  -  2klog  (y+ )  (16) 

where  k  is  equal  to  „  In  (10) ,  values  for  which  have  been 

F 

listed  elsewhere  (•"''. 

In  solutions  where  m  is  less  than  0.1  molal  and  the 
dielectric  constant  is  relatively  high,  the  Debye-Huckel 
theory  predicts  that  the  mean  ionic  activity  coefficient  can 
be  represented  by 

z+z_   A  m  ^ 

"log  (y±  )  =  L_l L_^ -  3m  (17) 

1  +  Bam^ 

where   A  and   B   are    the   Debye-Hiickel   constants    listed   in 

o 

Table  6,  while  a  (the  ion-size  parameter)  and  3  are  adjust- 
able parameters.   By  combination  of  equations  4  and  5,  one 
can  define  an  "apparent  standard  emf"  E°'  as ' '.' 

E0'  s  E°  -  2kBm  =  E  +  2klog  (m)  -  2k  .^ -  (18) 

1  +  Bam^ 

If  equation  17  represents  the  activity  coefficient  of  HBr 

o 

satisfactorily  and  the  proper  value  of  a  is  chosen,  E° ' 
will  be  a  linear  function  of  m  with  intercept  at  m  =  0 
corresponding  to  the  standard  emf  E° .   E°  can  be  determined 
for  a  variety  of  solvent  compositions  just  as  E^  is. 
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The  standard  Gibbs  energy  (AG£)  for  the  transfer  of  HBr 
from  water  to  other  solvents 

HBr  (w)  =  HBr  (s)  (19) 

can  be  calculated  from  equation  7. 

If  one  has  the  standard  emf  of  an  electrode  in  a  given 

solvent  system  at  a  number  of  different  temperatures,  the 

standard  emf  values  can  be  fitted  to  a  power  series  of  the 

form 

E°  =  A  +  BT  +  CT2  (20) 

where  T  represents  the  temperature  on  either  the  thermodynamic 

or  Celsius  scales .   With  the  aid  of  functions  of  this  type 

for  pure  water  and  each  of  the  other  solvents ,  AG°  can  be 

represented  as  the  differences  in  E°  and  E°  by  an  equation 

of  the  form 

AG£  =  F  [(A^  -  A)  +  (Bw  -  B)T  +  (C^  -  C)T2]         (21) 

where  the  constants  A.T,  Bt7)  and  C   are  the  constants  of  the 

w '   w>       w 

power  series  for  E^  and  A,  B,  and  C  represent  similar  con- 
stants of  an  equation  for  E° 

Since  from  classical  thermodynamics 

AS°  =  -/  dAGt  \  (22) 

^  dT    'P 
the  entropy  of  transfer  for  HBr  from  water  to  another  solvent 

can  be  represented  by 

AS°  =  -F[(B   -  B)  +  2(CT7  -  C)T].  (23) 

t        w  w 

The  enthalpy  of  transfer  of  HBr  from  water  to  solvent  s  may 
then  be  calculated  from  the  relationship 

AH°  =  AG°  +  TAS°  (24) 

where  T  is  the  thermodynamic  temperature. 
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Dissociation  Constants 

The  following  cell,  analogous  to  cell  II,  which  was 

first  used  by  Harned  and  Ehlers^53)  can  be  used  to  determine 

the  pK  of  acetic  acid  by  emf  measurements: 

Pt;H2(g,latm)  |  HAcCm-j^),  NaAc(m2),  NaBr(m3)   AgBr;Ag   (IV) 
I  in  solvent  s 

Here  Ac"  represents  the  acetate  ion  (CHoCOO").   The  acidic 

dissociation  equilibrium  in  the  cell  solution  is : 

HAc  =  H+  +  Ac"  (25) 

Since  the  dissociation  constant  (Ka)  for  HAc  is  defined  as 

K  =  aH+  aBr- 

Ka   — (26) 

aHAc 

then  a„+  =  K  aHAc 

H     a 


aAc-  (27) 

Substituting  equation  27  into  equation  13  one  finds  the  cell 
potential  represented  by 

E  =  E°  -klog  Ka  *HAc  -  klog  (mfir-)  -  klog  (y^-)  (28) 

aAc~ 

This  expression  can  be  separated  to  give: 

E  =  E°  -  klogKa  -  klog  aHAc  -klog(m   -)  -  klog  (Y   -)      (29) 

aAc-  Br 

Rearrangement  and  substitution  of 

pKa  =  -logK  (30) 
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yields 


E   =   E°    +kpK      -    klog   JAcV    _    kl        YHAcYBr-  nn 

Ac  y 

Ac 

Division  by  k  and  another  slight  rearrangement  give  the 
relation 

E  -  E°  +  log  ^HAc^Br"  =  pK   -  log  YHAcYBr~  (32) 

k  m*    ~  ya  " 

Ac  Ac 

From  the  equilibria  among  HAc ,  Ac",  and  OH"  it  is  seen  that 
mHAc  =  \    "  V>mNaAc  =™2+  **+,    and  *NaBr  =  m3  •   Harned 
and  Ehlers^   '  have  demonstrated  that  for  the  pKa  of  HAc 
in  water  the  correction  term  m^+  is  insignificant,  and 
therefore  equation  32  may  be  written  as 

E-E°  +  log  ™1™3   =  PK   -  log  THAc"YBr~  (33) 

_-j_        a       —   ■   — 

m2  YAc' 

The  term  log  "YHAcYBr-   should  be  nearly  zero  and  linear  in 
TAc- 

ionic  strength,  allowing  one  to   rewrite  equation  33  in  the 

form 

E  -  E°  +  log  mlm3  =  PKa  +  31  (34) 

Ic  m2 

where   I  =  (nu  +  m~)  (35) 

Using  equation  34,  one  can  define  pK^,  an  "apparent 
pK  ",  which  is  equal  to  the  left-hand  side  of  equation  34. 
A  plot  of  pK  '  vs.  ionic  strength  extrapolated  to  I  =  0 
will  give  the  true  pK  . 
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Harned  and  Robinson^69) have  shown  that  the  temperature 
dependence  of  pK  can  usually  be  represented  to  within 
experimental  error  by  a  relationship  of  the  form 

pKa  =  £  +  B  +  CT  (36) 

Such  an  equation  has  the  advantage  over  others  proposed 
in  that  the  coefficients  A,  B,  and  C  may  readily  be  deter- 
mined by  regression  analysis  of  the  relation 

TpK  =  A  +  BT  +  CT  (37) 

From  the  relation 

AG°  =  -R  T  In  Ka  (38) 

one  can  then  calculate  from  the  experimental  pKa  values  the 

standard  free  energy  of  dissociation  for  acetic  acid  in  the 

solvent  mixtures  studied. 

The  standard  entropy,  enthalpy,  and  heat  capacity  changes 

of  dissociation  can  also  be  derived  from  equations  similar 

to  equation  37  and  the  relations 

AS°  =  -  (±j£—\  (39) 

VdT   /P 

AH°  =  AG°  +  TAS°  (40) 

S  ■  Hf)P 

By  analogy  with  equation  21,  the  standard  Gibbs  energy 
change  for  transfer  of  HAc  from  water  to  solvent  mixture 
may  be  calculated  using  equation  10.   The  standard  entropy 
and  enthalpy  changes  for  transfer  may  then  be  calculated  as 
before  from  equations  22  and  23. 
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Bates  and  coworkers  have  conducted  extensive  studies 
of  the  dissociation  of  TrisH   in  pure  water ^    ,  mixed 
solvents    '    ,  and  nonaqueous  solvents v^°)  using  a  cell 
of  the  type 


Pt;H2(g,  latm) 


TrisHCl (m.) , Tris (m2) 
(in  solvent  s) 


The  analogous  cell 


Pt;H2(g,latm) 


TrisHBr(m1)  ,    TrisCnO 
(in   solvent   s) 


AgCljAg 


AgBr ; Ag 


(VI) 


(VII) 


can  serve  equally  well.   The  equilibrium  involved  in  this 
dissociation  is: 

TrisH+  =  Tris  +  H+  (42) 

As  the  pK  of  TrisH+  in  water  is  about  8,  it  can  be 
expected  to  be  greater  than  5  and  less  than  10  In  these  sol- 
vents; thus  the  contribution  of  dissociation  to  the  molality 
terms  can  safely  be  ignored.   Therefore, 


111  +      =     TTl 

TrisH  m] 


and 


(43) 


(44) 


ulTris  "  U12 
Using  T  and  TH+  as  abbreviations  for  Tris  and  protonated 

Tris,  the  expression  for  the  dissociation  constant  K  of 

TrisH   in  cell  VII  can  be  written  as 


aTR+ 


(45) 


The  emf  of  cell  VII  can  therefore  be  written  as 

E  =  E°-klog  Ka  aTH+  ^ 


(46) 
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which    is    equivalent    to 


^H4"  mBr"         Ym"+  Y* 


E  =  E°  -  klog  K   -  klog  _TH__^r_  _  klog  JTH Br_    (47) 

a  ra  YT 

T  l 

Dividing  through  by  k  and  substituting  m,  for  m  +  and  til  - 

and  Do  for  m^  gives 

2 

E  -  E°  =  pK   -  log   1  +  log  Y   +  Y   -  -  log  Y         (48) 
k        a       ~        TlT  Br       &   T 
2 

which  rearranges  to 

E  -  E°  +  logy   =  pK   -  log  _i.  -    log   Y  +  Y0  -        (49) 

k  l  m  In   Br 

2 

The  mean  ionic  activity  coefficient  for  THBr  can  be  approx- 
imated from  the  Debye-Hiickel  theory  by 


log  Y    Y 


2  A  I"2  (50) 


TH  Br      1   +  B°^ 

where  I  (the  ionic  strength)  is  equal  to  the  molality  of 

TrisHBr  (mi).   Furthermore,  log  y     is  expected  to  be 
1  b     Tris 

close  to  zero  and  linear  with  m, .   Therefore,  equation  49 
can  be  written  as 

2    2Am^ 
E  -  E°  +  log  ^L  -   L.     =   pKa  +  Bn^  (51) 

2    1+Bam.2 

Once  again,  the  left  side  of  equation  51  can  be  defined  as 
an  "apparent  pK  "  (pK  '),  which  when  plotted  against  m-. 
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and  linearly  extrapolated  to  mi  =  0  will  give  the  true  pK 
for  TrisH   in  the  particular  solvent. 

The  pKa  vs .  temperature  data  can  be  fitted  to  equations 
of  the  form  of  equation  36.   Likewise,  equations  38-41,  43, 
22,  and  23  can  be  used  to  calculate  the  standard  thermody- 
namic functions  of  dissociation  and  transfer  in  exactly  the 
same  manner  as  described  for  acetic  acid. 


CHAPTER  VI 
EXPERIMENTAL 


Materials 


N-methylacetamide  was  obtained  from  Eastman  Kodak  Co. 
The  commercial  material  was  fractionally  crystallized  once 
and  then  continuously  zone  refined  10  to  20  times.   The  zone 
refiner  had  three  purification  zones  12  in.  apart.   The 
apparatus  was  designed  according  to  the  suggestions  of  R.H. 
Wood'   \  such  that  the  35  mm  diameter  charge  tube  was  drawn 
upward  through  three  melting-freezing  zones.   After  a  section 
of  the  charge  tube  had  completely  passed  from  one  purification 
zone  to  the  next,  a  trip  mechanism  allowed  the  tube  to  return 
to  its  original  position.   The  product  from  the  last  two  zones 
was  discarded.   The  product  from  the  first  zone  amounted  to 
approximately  150  g  and  had  a  specific  conductivity  of  1-5  x 
lO-''  S  cm"-'-.   For  a  theoretical  treatment  of  the  multiple- 
zone  zone-refining  process,  see  reference  74. 

For  the  measurement  of  the  standard  potential  of  the 
silver-silver  bromide  electrode,  a  stock  solution  of  HBr  in 
water  was  prepared  from  HBr  obtained  by  double  distillation 
of  a  commercial  48%  HBr  solution.   In  each  distillation  the 
first  and  third  fractions  were  discarded. 

Solutions  of  HBr  in  pure  NMA  were  prepared  in  an  indirect 
manner,  by  adding  the  half  hydrobromide  of  NMA.   Blicke  and 
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Burckhalter     and  Verley^  '    reported  the  preparation  of 
a  half  hydrochloride  salt  of  NMA  by  passage  of  dry  HC1  gas 
through  NMA  dissolved  in  absolute  ether,  followed  by  recrys- 
tallization  of  the  precipitated  salt  from  acetone.   This 
salt  was  also  prepared  by  Dawson  and  coworkers'^""'  '»^' 
and  used  to  determine  the  thermodynamic  properties  of  HC1  in 
NMA  and  its  mixtures  with  dioxane.   The  analogous  half 
hydrobromide  was  prepared  for  this  study. 

HBr  gas  was  generated  by  dropping  concentrated  HoSO, 
onto  reagent  grade  NaBr.   The  resultant  gas  was  passed  through 
a  sulfuric  acid  scrubber  and  then  bubbled  through  liquid 
NMA  under  an  atmosphere  of  nitrogen.   The  white  crystalline 
precipitate  which  resulted  was  dissolved  in  hot  acetone 
(Mallinckrodt  SpectrAr) ,  filtered,  and  recrystallized  twice. 
The  crystals  were  then  dried  over  Mg(C10/)2  in  a  vacuum 
oven  at  approximately  80°C  overnight.   This  product  was 
stored  in  a  desiccator  containing  CaSO^  and  Mg(C10^)2 
under  an  atmosphere  of  nitrogen. 

The  resultant  product  was  assayed  for  bromide  content 
and  acid  content  by  precipitation  of  silver  bromide  and  by 
titration  with  standard  NaOH  solution,  respectively.   Both 
acid  and  bromide  were  determined  to  be  4.0  x  10   mol/g  salt. 
The  theoretical  HBr  content  of  a  salt  of  composition 
(NMA) 2  HBr  is  4.4  x  10"^  mol/g  salt.   It  was  considered  likely 
that  the  low  result  for  HBr  content  was  due  to  the  very  low 
volatility  of  NMA  which  makes  this  substance  difficult  to 
remove  in  the  vacuum  drying  process . 


41 

Acetic  acid  was  prepared  by  two  fractional  freezings 
of  commercial  glacial  acetic  acid.   At  least  one  half  of  the 
bulk  acid  was  discarded  with  each  fractionation. 

Tris (hydroxymethyl)  aminomethane  (Tris)  was  obtained  in 
the  form  of  high  purity  recrystallized  Primary  Standard 
grade  from  Sigma  Chemical  Company.   It  was  further  purified 
by  two  recrystallizations  from  a  methanol /water  mixture.   The 
recrystallized  product  was  dried  overnight  in  a  heated  desic- 
cator  and  stored  in  a  desiccator  over  anhydrous  calcium 
sulfate . 

Standard  carbonate-free  NaOH  solution  was  prepared  by 
dilution  of  50%  (wt/wt)  NaOH   solution  with  equilibrium  water. 
It  was  standardized  by  titrating  primary  standard  grade 
potassium  hydrogen  phthalate  obtained  from  the  National 
Bureau  of  Standards  (NBS)  as  Standard  Reference  Material  84h. 

The  water  used  in  all  solutions  was  deionized  water 
from  a  central  building  source.   It  was  redistilled  in  our 
laboratory  as  needed.   Its  conductivity  was  less  than  1  x  10~° 
S  cm"1. 

Hydrogen  gas  was  obtained  in  a  commercial  cylinder 
and  was  purified  at  the  cylinder  exit  by  passage  over  a  plat- 
inum "DeOXO"  catalyst  at  room  temperature. 

Silver  oxide  for  the  preparation  of  silver-silver  bromide 
electrodes  was  obtained  as  described  by  Bates'"''  by  addition 
of  NaOH  to  a  silver  nitrate  solution.   The  precipitated  silver 
oxide  was  washed  30  times  with  water.   Silver  bromate  was 
obtained  commercially  and  recrystallized  twice  from  water. 
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A  platinizing  solution  was  prepared  by  dissolving  2g 
of  hexachloroplatinic  acid   in  100  ml  of  2  M  HC1.   No  lead 
was  added  to  this  solution. 

NaBr  was  Analytical  Reagent  grade  recrystallized  twice 
from  water,  dried  in  a  vacuum  desiccator  and  stored  over 
anhydrous  CaSOA. 

All  other  materials  were  obtained  commercially  and  used 
without  further  treatment. 

Preparation  of  Cell  Solutions 

Twice-distilled  HBr  solution  was  diluted  to  a  molality 
(m)  of  approximately  1.0  mol/kg.   The  concentration  of  this 
stock  solution  was  determined  to  be  0.9089  mol/kg  ±  0.0001 
mol/kg  by  the  gravimetric  method  with  silver  bromide 
precipitation.   Cell  solutions  for  emf  measurements  of  HBr 
in  H2O/NMA  solvents  were  prepared  as  follows.   The  approximate 
amount  of  NMA  needed  was  weighed  into  a  flask  and  the  desired 
amount  of  HBr  stock  solution  added  from  a  weight  buret.   The 
additional  amount  of  water  needed  to  obtain  exactly  the 
desired  solvent  composition  was  then  calculated  and  carefully 
added. 

For  the  determination  of  the  standard  potential  of  the 
silver-silver  bromide  electrode  in  NMA  at  35°C,  50  to  100  g 
of  stock  solution  was  made  by  almost  saturating  pure  liquid 
NMA  with  the  hydrobromide  salt.  Three  10  g  portions  of  this 
solution  were  analyzed  for  bromide  content  by  precipitating 
bromide  with  silver  and  weighing  the  AgBr  formed.  A  weighed 
sample  of  the  stock  solution  was  then  added  to  make  a  solution 
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of  desired  composition.   This  solution  was  transferred  to 
the  cell  in  which  the  emf  was  determined. 

A  stock  HAc  buffer  solution  in  water  was  prepared  by 
accurately  weighing  purified  HAc,  NaOH  solution,  and  NaBr 
into  a  one-liter  flask.   Distilled  deionized  water  was 
then  added  by  weight  in  such  quantity  as  to  make  about  500 
g  of  solution  containing  approximately  equal  molal  amounts 
of  HAc,  NaAc ,  and  NaBr.   The  final  molalities  were  calculated 
to  be  0.8801,  0.8789,  and  0.8784  mol/kg,  respectively. 

In  preparing  a  stock  TrisHBr,  Tris  buffer  solution, 
approximately  500  g  of  analyzed  0.9089  m  HBr  solution  was 
first  added  to  a  flask.   After  the  amount  of  HBr  solution 
had  been  accurately  weighed,  Tris  was  added  to  the  solution 
in  quantity  equal  to  twice  the  number  of  moles  of  HBr  in  the 
solution.   The  final  concentrations  of  TrisHBr  and  Tris  in 
this  solution  were  calculated  to  be  0.9801  and  0.9797 
mol/kg . 

Cell  solutions  for  emf  measurements  of  HAc  and  TrisH 
in  HoO/NMA  solvents  were  made  in  the  same  way  as  for  measure- 
ments of  HBr  in  the  same  solvents  except  that  stock  solutions 
of  HAc  buffer  (with  added  NaBr)  or  Tris  buffer  were  added  in 
place  of  stock  HBr  solution. 

Preparation  of  Electrodes 

Silver-silver  bromide  electrodes  used  were  of  the  thermal 
type,  prepared  by  heating  to  550°C  on  a  helix  of  platinum  wire 
a  paste  made  of  907o  (wt . )  silver  oxide  and  10%  (wt . )  silver 
bromate,  with  a  little  water.   In  order  to  avoid  solvent 
occlusion,  the  electrodes  were  not  pretreated  before  use  in 
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the  cell  solutions.   After  each  run,  the  electrodes  were 
cleaned  with  nitric  acid  and  remade. 

The  bases  of  the  hydrogen  electrodes  were  of  platinum 

9 

foil  approximately  1  cm   in  area.   They  were  platinized  in 
a  27c  (wt/vol)  solution  of  chloroplatinic  acid  in  2  M  HC1 . 
The  finished  electrodes  were  stored  in  water.   All  hydrogen 
electrodes  were  cleaned  in  50%  (vol.)  "aqua  regia"  (3  parts 
concentrated  HC1  to  1  part  concentrated  HNOo)  and  replatin- 
ized  after  each  use . 

Equipment  and  Procedures 

The  cells  used  for  measurements  in  H90/NMA  solvent 
mixtures  were  of  the  type  commonly  used  by  Bates  and  co- 
workers and  first  described  by  Gary,  Bates  and  Robinson'77^ . 
This  cell  is  shown  diagrammatically  in  Figure  2.   It  is  of 
all-glass  construction  with  the  exception  of  Teflon  stopcocks 
The  cell  has  the  advantage  that  the  entering  H2  gas  is  satur- 
ated with  solvent  in  the  first  three  stages  which  contain  the 
same  solution  as  the  electrode  compartments.   This  presatur- 
ation  prevents  a  change  in  the  solution  composition  around 
the  Pt;H2  electrode  which  might  otherwise  be  caused  by  the 
flowing  gas . 

All  solutions  were  de-aerated  by  bubbling  purified  H2 
gas  through  them  for  at  least  one  hour  prior  to  filling  the 
cells.  The  cells  were  filled  without  allowing  the  solution 
to  come  into  contact  with  air.  The  cells  were  supported  on 
brass  frames  and  then  placed  into  a  water  bath  whose  tempera- 
ture could  be  maintained  at  0  to  50°C  with  a  constancy  of  ± 
0.01°C. 
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H   gas  inlet . 

Sleeve  for  AgBr;Ag  electrode 
Solution  inlet. 
Sleeve  for  Pt;H0  electrode 
1U  gas  outlet. 


b) 
c) 
d) 
e) 

f,g)  Main  cell  compartments 
h.i.j) 


gas  presaturation  compartments 


Figure  2.   The  Cell  Used  for  emf  Measurements  of  Acids 
in  H20/NMA  Solvents 
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The  emf  reached  equilibrium  after  the  cells  had  been 
in  the  bath  for  four  to  twelve  hours,  depending  on  the 
composition  of  the  cell  solution.   The  criterion  for  equili- 
brium adopted  was  that  a  drift  in  emf  of  no  more  than 
0.1  mV  over  a  period  of  six  to  twelve  hours  should  occur. 
After  a  change  of  temperature,  equilibrium  was  reattained 
more  rapidly,  usually  within  15  to  30  minutes.   At  the  end 
of  a  series  of  measurements,  at  nine  different  temperatures, 
the  cells  were  returned  to  25°C  to  check  the  reversibility 
of  the  emf  during  the  measurement  interval.   Irreversible 
changes  amounted  in  general  to  less  than  several  tenths  of  a 
millivolt . 

A  different  type  of  cell  was  designed  and  constructed 
for  the  emf  measurements  of  solutions  of  HBr  in  pure  NMA. 
The  basic  features  of  this  cell  are  illustrated  in  Figure  3. 
The  cell,  made  by  the  University  of  Florida  chemistry  depart- 
ment glass  shop,  is  basically  a  cylinder  with  ground  glass 
tapers  to  hold  two  electrodes  and  to  accommodate  the  standard 
taper  end  of  a  weight  buret.   Side  connections  are  provided 
for  entry  and  exit  of  R^  gas  and  for  a  compartment  housing 
a  silver-silver  bromide  electrode.  The  latter  is  partially 
isolated  from  the  bulk  solution,  in  order  to  minimize  migra- 
tion of  dissolved  silver  from  the  silver-silver  bromide 
electrode  to  the  Pt;H2  electrode.   The  H"2  gas  passing  into 
the  cell  was  saturated  upstream  with  pure  NMA. 

The  cell  was  charged  with  a  freshly  prepared  solution 
of  HBr  in  NMA  after  the  air  in  the  cell  had  been  replaced 
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a)  Sleeve  for  AgBr;Ag  electrode. 

b)  Sleeve  for  Pt;H~  electrode. 

c)  Sleeve  for  weight  buret 

d)  H2  gas  outlet. 

e)  H2  gas  inlet. 


Figure  3.   The  Cell  Used  for  emf  Measurements  of  HBr  in  NMA. 
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with  H„  gas .  Then  H~  gas  was  bubbled  through  the  solution 
for  one  to  two  hours  to  remove  dissolved  air  and  to  saturate 
the  solution  with  H„ .   Electrodes  were  then  inserted  into 
the  cell  and  the  emf  measured  until  an  equilibrium  reading 
was  obtained  according  to  the  previously  described  criterion. 

All  of  the  emf  measurements  in  this  study  were  made  with 
either  a  Hewlett-Packard  Model  3460  digital  voltmeter  or  a 
Fluke  Model  8800A  digital  multi-meter.   Both  of  these  meters 
were  checked  occasionally  against  laboratory  standards  con- 
sisting of  two  saturated  Weston  cells  maintained  at  a  con- 
trolled temperature . 

Solvent  densities  were  determined  using  Gay-Lussac 
pycnometers  with  a  capacity  of  25  ml.   Solvent  dielectric 
constants  were  measured  with  a  Balsbaugh  Model  2TN50 
conductivity  cell  having  a  cell  constant  of  approximately 
0.001.    A  Janz-Mclntyre  a-c  bridge*-   '  was  used.   All 
density  and  dielectric  constant  determinations  were  carried 
out  in  a  constant  temperature  water  bath  maintained  to  within 
±0.02°C. 

The  measured  values  for  the  densities  and  dielectric 
constants  of  the  H„0/NMA  mixtures  used  in  this  study  are 
listed  in  Table  6  along  with  the  Debye-Huckel  constants  A 
and  B  calculated  from  them. 
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Table   6.   Properties  of  H  O/NMA  Mixed  Solvents  from 
5  to  45°C. 


t,  °c 

Density, 
g/ml 

Dielectric 
Constant 

A3 

Ba 

X2  = 

0 

06b 

W  =  20 

51C 

5 

1.00625 

90.8 

0.4560 

0.3174 

10 

1.00465 

90.0 

0.4496 

0.3158 

15 

1.00308 

88.9 

0.4457 

0.3147 

20 

1.00128 

87,8 

0.4421 

0.3137 

25 

0.99923 

87.9 

0.4300 

0.3105 

30 

0.99714 

86.3 

0.4306 

0.3105 

35 

0.99486 

87.4 

0.4117 

0.3056 

40 

0.99250 

88.8 

0.3920 

0.3004 

45 

0.98989 

89.7 

0.3765 

0.2962 

X2    = 

0. 

15 

W  =  41. 

73 

5 

1. 01553 

95.9 

0.4220 

0.3103 

10 

1.01257 

94.1 

0.4221 

0.3100 

15 

1. 00958 

92.5 

0.4213 

0.3095 

20 

1.00645 

90.7 

0.4222 

0.3094 

25 

1.00338 

90.0 

0.4158 

0.3075 

30 

1.00026 

88.3 

0.4167 

0.3074 

35 

0.99698 

86.8 

0.4165 

0.3070 

40 

0.99370 

85.8 

0.4130 

0.3058 

45 

0.99018 

83.8 

0.4171 

0.3065 

a  Debye-Huckel  constants,  molality  scale 
Mole  fraction  of  NMA 
Weight  percent  of  NMA 
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Table   6  -  continued 


t,  °C       Density,   Dielectric 
g/ml       Constant 


X2    = 

0.25 

W  =    57.49 

5 

1.01705 

101.9 

0.3856 

0.3012 

10 

1.01282 

99.0 

0.3912 

0.3023 

15 

1.00991 

96.8 

0.3936 

0.3025 

20 

1.00594 

94.2 

0.3988 

0.3035 

25 

1.00218 

92.6 

0.3917 

0.3030 

30 

0.99846 

90.6 

0.4005 

0.3032 

35 

0.99466 

89.1 

0.4000 

0.3027 

40 

0.99088 

87.7 

0.3991 

0.3021 

45 

0.98694 

86.1 

0.3998 

0.3019 

X2    = 

=    0.50 

W  =    80.23 

5 

1.00384 

125.5 

0.2803 

0.2697 

10 

0.99984 

121.1 

0.2873 

0,2716 

15 

0.99583 

117.3 

0.2930 

0.2730 

20 

0.99189 

113.8 

0.2982 

0.2742 

25 

0,98782 

110.4 

0,3037 

0.2755 

30 

0.98387 

107.2 

0.3089 

0.2767 

35 

0.97984 

104.0 

0.3148 

0.2781 

40 

0.97583 

101.3 

0.3190 

0.2789 

45 

0.97170 

98.3 

0.3252 

0.2803 

CHAPTER  VII 
RESULTS 

Standard  Potential  of  the  Silver-Silver  Bromide  Electrode 

H  O/NMA  Mixtures 
Z 

Figures  4  and  5  illustrate  the  densities  and  dielectric 
constants  of  the  mixed  solvents  as  a  function  of  solvent 
composition.   The  densities   in  particular  indicate  that 
strong  solvent-solvent  interactions  take  place  upon  mixing 
water  with  NMA. 

Isopiestic  vapor  pressure  measurements  showed  that  the 
water  activity  in  H  O/NMA  media  of  mole  fraction  (X„)  of  NMA 
equal  to  0.50  is  the  same,  within  experimental  error,  as  that 
predicted  by  Raoult's  law.   Hence,  the  emf  was  corrected  to 
1  atm  partial  pressure  of  H~  on  the  assumption  that  NMA  is 
involatile  and  that  all  of  the  solvent  mixtures  also  obey 
Raoult's  law.   The  observed  emf  values  (corrected  of  1  atm 
partial  pressure  of  H„)  are  listed  in  Table  7. 

A  value  of  5.2  A  for  the  ion  size  parameter  a  yielded 
straight-line  plots  of  E° '  vs.  m  at  each  temperature  and 
solvent  composition.   The  intercepts  were  obtained  by  standard 
linear  regression  techniques.   A  graphical  representation 
of  the  data  for  each  of  the  H2O/NMA  solvent  mixtures  at 
25 °C  is  shown  in  Figure  6. 
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Figure  4.   Plot  of  Density  vs.  Mole  Fraction  (X~)  of  NM& 
for  H20/NMA  Mixtures  from  5  to  45°C. 
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Figure  5.   Dielectric  Constant  as  a  Function  of  Mole  Fraction 
(X2)  of  NMA  at  25 °C. 
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The  uncertainty  in  E°  was  estimated  as  the  standard 
deviation  of  the  intercept  of  the  regression  line  by  the 
equation : 

(1  -       (nzxy  -  (jx)  (zy)2) ) 

(nix2  -  (zx)2)  (nzy2  -  (zy)2) 


(52) 


where  n  is  the  number  of  points,  x  is  the  solution  molality 
or  ionic  strength,  y  is  the  value  of  E° '  ,  and  x  is  the 
average  molality,  for  an  equation  of  the  form: 

y  =  a  +  bx  (53) 

which  is  equivalent  to : 

E°'  =  E°  -  (2kS)m.  (54) 

The  calcuations  were  performed  with  the  aid  of  a  PDP-11 
computer  having  a  teletype  output.  The  intercepts  (E°)  and 
their  standard  deviations  are  summarized  in  Table  8. 

A  tendency  for  the  cell  emf  to  drift  slowly  at  temper- 
atures above  35°C,  indicative  of  some  sort  of  irreversible 
side  reaction,  was  noted.   The  drift  was  most  pronounced 
at  higher  NMA  concentrations,  yet  it  was  at  the  lower  NMA 
compositions  that  the  highest  standard  deviations  were 
found . 

The  values  obtained  for  the  standard  emf  of  cell  V  were 
fitted  to  power  series  equations  in  (t-25)  ,  with  the 
following  results : 
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X2=0.06:   E°  =  0.0953  -  2.99  x  10~4  (t-25)  (55) 

X2=0.15:   E°  =  0.1159-4.36  x  10"4  (t-25)-1.45  x  10*6  (t-25)2  (56) 
X2=0.25:   E°  =  0.1320-5.97  x  10~4  (t-25)-1.32  x  10"6  (t-25)2  (57) 
X2=0.50:   E°  =  0.1470-9.06  x  10"4  (t-25)-1.6  x  10~7  (t-25)2  (58) 
The  standard  deviations  of  the  measured  E°  from  the  calculated 
curves  were  0.1  mV  in  each  case. 

Pure  NMA 

The  measured  values  of  the  emf  and  the  calculated  inter- 
cepts and  3  values  for  HBr  in  pure  NMA  are  listed  in  Table  9. 
Figure  7  shows  the  plot  of  E°  '  vs.  m  by  means  of  which  the 
E°  of  the  silver-silver  bromide  electrode  in  pure  NMA  at  35°C 
was  determined. 


pK  of  Acetic  Acid 
r  a  

In  H2O/NMA  Solvent  Mixtures 


The  emf  of  cells  containing  the  HAc,  NaAc,  and  NaBr 
buffer  solutions  reached  a  stable  value  after  five  to  twelve 
hours.   This  equilibrium  emf  was  confirmed  by  returning  the 
cells  to  25 °C  in  the  middle  and  at  the  end  of  each  run. 
The  emf  of  the  cells  at  25°C  generally  changed  by  less  than 
0.2mV  over  a  period  of  10  hours.   The  emf's  used  to  determine 
values  of  the  pKa  of  KAc  are  listed  in  Tables  10,  11,  and  12. 
They  have  been  corrected  to  1  atm  partial  pressure  of  H9  in 
the  same  way   as  was  the  emf  used  to  determine  E°  in  the  prev- 
ious section. 

Table  13  summarizes  the  pK  values  calculated  from  the 
emf  data  for  HAc.   In  Figure  S  are  shown  the  plots  of  pK' 
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Table   9.   Electromotive  Force  of  Cell:  Pt ;H_ (g ,latm)  |HBr  in  NMA| 
AgBr;Ag,  in  Volts,  at  35 CC. 


molality,  E,  V 

m 


0.01361  0.3482 

0.01376  0.3474 

0.01447  0.3448 

0.01843  0.3316 

0.02492  0.3150 

0.02523  0.3149 

0.03926  0.2912 

0.06426  0.2648 

0.09295  0.2449 


A  =  0.1470a 


Ep  -  0.1182   CO. 201 


Debye-Huckel  constants. 
Standard  deviation  in  mV. 
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a(48) 


vs.  I  for  each  mixture  at  25°C.   All  equations,  intercepts, 
and  deviations  were  calculated  in  the  same  manner  as  for  the 
E°  values,  using  the  equations  described  in  the  methodology 
chapter.   The  relationship  between  values  of  the  pKa  of  HAc 
and  solvent  composition  at  25 °C  is  shown  in  figure  9.   Figure 
10  shows  the  same  relationship  at  40°C;  the  value  for  pK 
(HAc)  in  pure  NMA  is  known  from  the  work  of  Dawson  et  al . 
The  values  obtained  for   the  pK  of  HAc  at  the  nine 

temperatures  (T  in  kelvins)  were  fitted  to  equations  of 

the  form : 

pKa  =  _  +  B  +  CT  (59) 

by  quadratic  regression  analysis  using  a  Wang  model  600 
calculator.   Results  were  as  follows: 

X2  =  0.06:   pKa  =  1^30  +  5.3733  -  0.002397  T  (60) 

X2  =  0.15:   PKa  =  54^58  +  ±   ^  +  Q   ^^  t  ^ 


T 
77_2_.83 

T 


*2  -  0-25:   pKa  =-  — +  0.6375  +  0.006323  T.         (62) 


The  standard  deviations  of  the  measured  pKa  from  the  calulated 

curves  were  0.004,  0.004,  and  0.003  pK  units,  respectively. 

Using  the  data  of  Harned  and  Ehlers^5^  for  the  pK 

r  a 

of  HAc  in  pure  water  from  5  to  45 °C  the  following  equation 
was  obtained  : 

pKa  -  117T9A   -    3.2265  +  0.01350  T.  (63) 

All  four  of  these  functions  are  shown  in  Figure  11.   This 
figure  illustrates  dramatically  that  changing  the  medium  from 
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Figure  8.   Plots  of  pK^  vs.  Ionic  Strength  (I)  for  Acetic 
Acid  in  Three  H20/NMA  Solvents,  at  25°C. 
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5.2  - 


5.0  - 


i4 


4.8 


4.6 


0.25 


Figure  9.   Plot  of  pK  Values  for  Acetic  Acid  as  a  Function 
of  Mole  Fraction  (X2)  of  NMA  from  X2  =  0.0  to 
X2  =  0.25,  at  25°C. 
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Figure  11.   Plots  of  the  pK  Value  of  Acetic  Acid  vs.  Tempera- 
ture (t)  for  Water  and  Three  H„0/NMA  Mixtures. 
Numbers  to  the  Right  of  the  Lines  are  the  Mole 
Fraction  of  NMA. 
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water  to  an  H~0/NMA  mixture  completely  alters  the  dissocia- 
tion behavior  of  HAc  as  a  function  of  temperature.   The  values 

for  AG0,  AS0,  and  AH0  at  the  nine  temperatures  and  for  AC° 

P 

at  25°C  for  the  dissociation  of  HAc  in  each  solvent  mixture 
were  calculated  using  equations  38-41.  These  values  appear 
in  Tables  14,  15  and  16. 

pK  of  Tris (hydroxymethyl)aminomethane 


in  H90/NMA  Solvent  Mixtures 

The  values  of  the  emf  of  cells  containing  the  TrisHBr, 
Tris  buffer  solutions  (cell  VII)  were  stable.   They  were 
checked  in  a  completely  analogous  manner  to  those  containing 
HAc  buffer.   The  measured  emf  was  corrected  to  the  standard 
H2  partial  pressure  as  before  and  is  listed  in  Tables  17,  18, 
and  19. 

o 

Values  of  5.2,  5.0,  and  5.0  A,  for  the  ion-size  parameter 

o 

a  used  in  equation  51  yielded  straight-line  plots  of  pK' 
vs.  I  at  X2  =  0.06,  0.15,  and  0.25,  respectively.   Changing 

o  o 

a  from  5.0  to  6.0  A  had  no  appreciable  effect  on  the  extra- 
polated value  of  pKa,  but  the  values  chosen  gave  the  lowest 
values  for  the  standard  deviations  of  the  intercepts .   A 
graphical  representation  of  the  data  for  each  of  the  HoO/NMA 
solvent  mixtures  at  25 °C  is  shown  in  Figure  12. 

Table  20  summarizes  the  pK  values  for  TrisH   in  each 
HnO/NMA  mixture  along  with  their  standard  deviations.   A 
plot  of  the  pK   for  TrisH   as  a  function  of  the  mole  fraction 
of  NMA  in  the  mixture  is  shown  in  Figure  13. 
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Table  14.   Values  of  the  Free  Energy  of  Dissociation  (AG0), 

HoO/HMA  Solvents  in  cal  mol"1 


For  Acetic  Acid  in  HoO/! 


t,  °C  X 


0.06       0.15       0.25       1.0a 


5 

6,064 

6,256 

6,588 

10 

6,150 

6,347 

6,681 

15 

6,239 

6,450 

6,778 

20 

6,334 

6,546 

6,876 

25 

6,423 

6,629 

6,972 

30 

6,518 

6,736 

7,085 

35 

6,614 

6,837 

7,185 

40 

6,690 

6,931 

7,286 

45 

6,779 

7,034 

7,391 

10,245 


Data  from  reference  6 , 
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Table  15.   Values  of  the  Standard  Entropy  Change  on 

Dissociation  of  Acetic  Acid  in  H„0/IMA  Solvents 
- 1  m^i  -1  *■ 


in  cal  K' 


mol 


t,  °C 


0.06 

0.15 

0.25 

5 

-18.48 

-18.67 

-19.01 

10 

-18.37 

-18.86 

-19.30 

15 

-18.26 

-19.04 

-19.59 

20 

-18.16 

-19.23 

-19.88 

25 

-18.05 

-19.41 

-20.17 

30 

-17.94 

-19.60 

-20.46 

35 

-17.83 

-19.79 

-20.75 

40 

-17.72 

-19.97 

-21.04 

45 

-17.61 

-20.16 

-21.33 

77 


Table    16.       Values    of    the    Standard    Enthalpy    (AH0)    and 

Keat    Capacity    (ACp    )    Changes   on   Dissociation 

of  Acetic   Acid    in   H2O/NMA  Solvents,    in   cal  mol 

AH° 


t,  °c 

X2 

0.06 

0.15 

0.25 

5 

923 

1,063 

1,299 

10 

947 

1,008 

1,216 

15 

976 

963 

1,133 

20 

1,011 

909 

1,048 

25 

1,042 

840 

959 

30 

1,081 

794 

883 

35 

1,121 

740 

792 

40 

1,142 

676 

698 

45 

1,178 

AC° 
P 

621 

606 

25  6.54  -11.08  -17.25 
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Figure  13.   Plot  of  pKa  Values  for  TrisH^  as  a  Function  of 
Mole  Fraction  (Xo)  of  NMA  from  X?  =  0.0  to  X, 
0.25,  at  25°C. 
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The  pK  values  as  a  function  of  temperature  (T)  in 
kelvins  are  represented  by  the  following  equations: 

X2  =  0.06:  PKa  =  2077-7  +  2.7198  -  0.006671  T  (64) 

X  =  0.15:  pKa  =  L_  _  0.09196-  0.001785  T  (65) 

L  T 

X  =  0.25:  pK  =  262Q-8  -  1.8979  +  0.001334  T  (66) 

2  a     ~ 


The  standard  deviation  of  the  measured  pK  value  from  the 
calculated  curve  was  0.003  units  in  all  three  cases. 

Using  the  data  of  Bates  and  Hetzer^55'  for  the  pKa 
of  TrisH   from  5  to  45°C  in  pure  water,  a  similar  equation 
was  derived : 

ooic  -I 

PKa  =  — x-"1-  "  2-6225  +  0.003976  T.  (67) 

Values  of  pK   calculated  by  equations  64,  65,  66,  and  67 
are  shown  graphically  in  Figure  14.   It  is  interesting  to 
note  that  the  behavior  of  the  pKa  of  TrisH+  as  a  function 
of  temperature  does  not  change  from  one  solvent  to  another 
in  this  series. 

Again,  the  measured  pK  values,  in  conjunction  with 
equations  38-41,  were  used  to  calculate  AG° ,  AS°  and  AH° 
at  nine  temperatures  and  AC°  at  25°C  for  the  dissociation 
of  TrisH"*"  in  each  medium.   Tables  21,  22  and  23  list 
these  values . 


Figure  14.   Plots  of  the  pK  Value  of  TrisH+  vs. 

Temperature  (t)  for  Water  and  Three  HoO/NMA 

Mixtures.   Numbers  to  the  Right  of  the  Lines 

are  the  Mole  Fraction  (Xo)  of  NMA  in  the  Solvents 
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Table  21.   Values  of  the  Standard  Free  Energy  Change  on 
Dissociation  of  TrisH+  in  HnO/NMA  Solvents, 
in  cal  mol  x . 


t,  °C 


0.06 

0.15 

0.25 

5 

10,609 

10,245 

10,051 

10 

10,582 

10,218 

10,020 

15 

10,556 

10,200 

9,995 

20 

10,531 

10,173 

9,967 

25 

10,502 

10,135 

9,941 

30 

10,474 

10,117 

9,926 

35 

10,451 

10,093 

9,899 

40 

10,410 

10,060 

9,871 

45 

10,374 

10,034 

9,844 

Table  22.   Values  of  the  Standard  Entropy  Change  on 

Dissociation  of  TrisH   in  HoO/IIMA  Solvents 

-1-1 
in  cal  K   mol   . 


t,   °c 

X2 

0.06 

0.15 

0.25 

5 

4.54 

4.96 

5.29 

10 

4.84 

5.05 

5.23 

15 

5.15 

5.13 

5.17 

20 

5.45 

5.21 

5.10 

25 

5.76 

5.29 

5.04 

30 

6.06 

5.37 

4.98 

35 

6.37 

5.45 

4,92 

40 

6,67 

5.54 

4.86 

45 

6.98 

5.62 

4.80 

89 


Table  23.   Values  of  the  Standard  Enthalpy  (AH°)  and 

Heat  Capacity  (aC£)  Changes  on  Dissociation 
of  TrisH   in  KoO/  NMA  Solvents ,  in  cal  mol"1, 


AH' 


t,  °c 

X2 

0.06 

0.15 

0.25 

5 

11,871 

11,626 

11,523 

10 

11,953 

11,647 

11,500 

15 

12,038 

11,677 

11,484 

20 

12,129 

11,700 

11,464 

25 

12,218 

11,712 

11,445 

30 

12,312 

11,746 

11,437 

35 

12,413 

11,773 

11,416 

40 

12,499 

11,794 

11,393 

45 

12,594 

11,822 

11,371 

AC°  , 

cal  K"1  mol"1 

25  18.2         4.9         -3.6 


CHAPTER  VIII 
DISCUSSION 


Standard  Potential  of  the  Silver -Silver  Bromide  Electrode 

From  the  Born  theory  one  can  predict  that  a  plot  of  E° 
vs.  the  inverse  of  the  dielectric  constant  will  be  a  straight 
line.   Figure  15  shows  that  for  the  H^O/NMA  system  this  is 
true  only  over  a  very  narrow  range  of  composition,  namely 
from  X2  =  0.06  to  0.25;  even  in  this  limited  range  the 
apparent  linearity  of  the  relationship  is  probably  only  an 
overlying  artifact  of  a  more  complicated  function. 

The  standard  Gibbs  energy  change  (AC°)  for  the  transfer 
of  HBr  from  water  to  each  mixed  solvent  was  calculated 
using  equation  19.   The  results  for  each  solvent  composition 
are  listed  in  Table  24.   Likewise,  the  standard  enthalpy  and 
entropy  changes  for  this  transfer  process  at  25°C  were  also 
calculated  as  described  in  the  methodology  chapter.   These 
values  are  listed  in  Table  25.   The  uncertainties  in  the  pri- 
mary data  do  not  justify  the  calculation  of  these  derived 
quantities  at  temperatures  other  than  25°C. 

It  is  evident  that  smoothed  values  of  the  mean  ionic 
activity   coefficient  of  HBr  (Tiro  ),  scale  of  molality,  can 
be  derived  from  equation  17;  A  and  B  are  given  in  Table  6 

o  o 

and  a  is  5.2  A.   Values  of  3  (the  slope  of  the  E°'  vs. 
molality  plot  divided  by  -2k)  are  listed  in  Table  26  along 
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Figure  15.   Plot  of  the  Standard  Potential  of  the  Cell; 
Pt;H2(g,latm)  |  HBr  in  H20/NMA  |  AgBr;Ag  as  a 

Function  of  the  (Dielectric  Constant)-   of  an 
H20/NMA  Solvent  Mixture 
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Table   24.   Standard  Free  Energy  Changes  (AG0.)  for  the 

Process:  HBr  (H20)  +   HBr  CH20/NMA)  in  cal  mol"1 


tf  °c 

X2 

0.06 

0.15 

0.25 

0.50 

1.0 

5 

-496 

-1,026 

-1,471 

-1,971 

10 

-509 

-1,028 

-1,452 

-1,909 

15 

-523 

-1,021 

-1,434 

-1,854 

20 

-538 

-1,024 

-1,421 

-1,799 

25 

-561 

-1,043 

-1,412 

-1,744 

30 

-580 

-1,041 

-1,389 

-1,707 

35 

-601 

-1,04  8 

-1,383 

-1,666 

-1,086 

40 

'  -641 

-1,063 

-1,377 

-1,621 

45 

-675 

-1,072 

-1,374 

-1,582 

Table   25.   Standard  Enthalpy  CAH°)  and  Entropy  (AS°)  Changes 

for  the  Tran: 
at  298.15  K. 


for  the  Transfer  Process:  HBr(H20)  +  HBr CH20/NMA) 


X2 

AH° 

AS£ 

k 

cal  mol 

-1 

cal 

if1  mol"1 

0.06 

-1.86 

-4.3 

0.15 

-1.39 

-1.2 

0.25 

-0.66 

2.5 

0.50 

1.14 

9.7 

93 


nj 

o 

in 

> 

p 

■H 

c; 

H 

o 

(0 

tn 

H 

CO 

o 

S 

■U 

CI) 

w 

<• 

p 

>J 

c 

2 

cu 

•H 

0) 

U 

l-i 

•H 

3 

4-1 

(X, 

IH 

0) 

c 

n 

.H 

o 

T! 

>i  C 

-P 

rtf 

•H 

> 

U 

-H 

o 

-P 

in 

0 

CM 

<c 

P 

u 

fC 

-H 

c 

10 

o 

CU 

M 

U 

3 

c 

-P 

m 

X 

<1> 

H 

a 

s 

o 

h 

iH 

co 
o 

CM 

(XI 
Cn 

O 

CO 
O 

in 
en 
o 

in 
r- 
cn 

CD 

vo 
en 
o 

cn 
r- 

cn 

o 

CM 

CO 

en 
o 

vo 

CO 

cn 
o 

o 
en 
en 

o 

en 
cn 

o 

en 
cn 
cn 

o 

o 

in 

oo 

CM 

O 

in 

en 

CO 
CO 

en 

VO 
CM 

cn 

H 
CM 

cn 

CO 
H 

en 

VO 
H 
en 

VO 

H 
cn 

VD 
rH 

en 

VD 
-H 

cn 

H 

cn 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

in 

ro 

H 

n 

CO 

en 

CM 
CO 
en 

H 

en 

o 
en 

en 

CO 

CO 

cn 

CO 

o 

cn 

CO 

CO 
CO 
CO 

00 
00 
CO 

CO 
CO 

oo 

CO 
00 
CO 

O 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

in 
H 

n 
in 

CM 

•"3" 

en 

VD 
CM 

en 

VD 

o 
en 

*3- 

en 

CO 

m 

CO 
CO 

en 

CO 

in 

CO 

CM 

r- 

CO 

en 

VD 
CO 

CO 
VD 
CO 

VD 
00 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

o 

VD 

o 

■H 
o 

iH 

o 

CTl 

o 

CM 

CTl 

vo 
en 

CO 

rH 
CO 
CO 

en 
vo 

CO 

o 

VO 

CO 

CM 

m 

CO 

VO 
CO 

rH 
CO 

VD 
CO 
00 

CM 
CO 

00 

CM 

>. 

P 

•H 

tu 

H 

H 

(0 

X! 

-H 

rt 

o 

H 

e 

X) 


in 

<D 
U 
C 
(1) 
U 
CD 
4-1 
CD 
U 

e 
o 

u 

CD 
P 

£ 

H 

CO 

CD 

H 
> 


94 


with  YHR  at  molalities  from  0.005  to  0.1  for  each  solvent 
mixture  at  25 °C.  For  comparison,  the  corresponding  values 
of  the  activity  coefficient  in  water  are  listed. 

The  activity  coefficients  in  the  mixed  solvents  are  all 
higher  than  those  in  pure  water.   This  suggests  that  HBr  is 
dissociated  completely  and  does  not  form  ion  pairs  in  mixtures 
of  water  and  NMA  of  these  compositions.   This  is  in  accord 
with  expectation,  from  electrostatic  considerations,  since 
the  mixtures  have  higher  dielectric  constants  than  water. 
This  observation  is  also  consistent  with  earlier  studies, 
which  showed  that  the  activity  coefficient  of  HC1  is  higher 
in  the  pure  solvents  formamide'29  >  30)  (  NMA^'>^"),  and 
NMPv56)  than  in  water.   Similarly  the  activity  coefficients 
for  HBr  in  pure  NMA  at  35°C  (also  listed  in  Table  26)  are 
higher  than  those  in  any  of  the  H2O/NMA  mixtures.   In  addi- 
tion, the  minimum  in  activity  coefficient  as  a  function  of 
solution  molality  occurs  at  0.02  m  HBr,  a  considerably  lower 
concentration  than  usually  observed  (e.g.,  in  NMP  the  minimum 
in  Y-uqi   occurs  at  approximately  0.04  m  and  in  water  at  0.5  m)  . 

Strictly  speaking,  comparisons  of  transfer  functions 
between  solvents  should  be  made  for  values  calculated  on  a 
mole  fraction  (x)  basis  ,  in  order  that  comparisons  be  made 
using  equal  numbers  of  solvent  molecules.   The  Gibbs  energy 
of  transfer  ((AG£)X)  on  the  mole  fraction  scale  is  related 
to  the  Gibbs  energy  of  transfer  ((AG£)m)  on  tne  molality 
scale  by  the  simple  relation ^  ' : 

(AG£)X  =  (AG£)m  -  (2RT)  InCW  <68> 
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where  M  and  M  are  the  mean  molar  masses  of  solvent  s  and 
water,  respectively.   Such  quantitative  studies  of  solvation 
effects  require  a  larger  body  of  data  than  is  presently 
available  to  be  compared  with  the  results  presented  here. 
Values  based  on  the  molality  scale  (as  presented  here)  are 
qualitatively  useful,  and  the  data  needed  are  often  available 
in  the  literature. 

In  Figure  16  the  values  of  AG£,  AH°,  and  TAS°  for  HBr 
(where  T  is  the  thermodynamic  temperature  in  kelvins  and  the 
values  are  based  on  the  molality  scale)  are  plotted  as  a 
function  of  the  mole  fraction  of  NMA  (X2) .   Since  all  of  the 
AG£  values  are  negative,  it  appears  that  there  is  a  further 
stabilization  of  HBr  in  the  solvent  mixtures,  as  compared  with 
pure  water.   Both  AH°  and  TaS°  decrease  in  the  same  fashion, 
with  TAS°  decreasing  less  rapidly  than  AH£,  leading  to  contin- 
uously negative  AG°  values.   As  these  quantities  become  zero 
at  X2  =  0,  the  results  suggest  a  pronounced  solvent  effect  of 
small  amounts  of  NMA.   Nevertheless,  Table  3  reveals  a  large 
uncertainty  in  the  temperature  coefficient  at  X2  =  0.06. 

Negative  values  are  to  be  expected,  on  electrostatic 
grounds, for  a  transfer  from  a  medium  of  low  dielectric  constant 
to  one  of  higher.   Thus,  the  Born  equation  predicts  a  decrease 
in  Gibbs  energy  of  0.53  kcal  mol    for  the  transfer  of  HBr 
from  water  to  H  0/NMA,  X2  =  0.5,  if  the  radii  of  the  hy dratted 

o 

hydrogen  and  bromide  ions  are  taken  to  be  2.8  and  1.97  A, 
respectively.   That  the  observed  decrease  is  more  than  three 
times  this  value  may  have  a  variety  of  explanations.   Among 
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Figure  16.   Plots  of  the  Transfer  Functions  AG£ ,  AH° ,  and 
TAS°  at  25 °C  for  HBr  as  a  Function  of  the  Mole 
Fraction  (Xo)  of  NMA  in  the  Mixed  Solvent. 


9: 

these  are  deficiencies  in  the  Born  calculation,  increased  basicity 
of  the  medium,  and  solvent-solvent  interactions  of  an 
undetermined  nature . 

pK  of  Acetic  Acid 


As  is  illustrated  in  Figure  9,  the  addition  of  NMA  to 
water  at  first  causes  a  slight  drop  in  the  pK  of  HAc .   After 
an  NMA  mole  fraction  (X2)  of  approximately  0.06  is  attained, 
however,  the  pK  of  HAc  starts  to  rise  sharply.   It  would 
appear  from  the  data  available  at  40°C  that  this  rise 
continues  almost  linearly  from  X~  =  0.25  to  pure  NMA. 

The  temperature/pK  relationships  in  water  and  in  the 

mixed  solvents  can  be  seen  in  Figure  11.   In  water  the  value 

of  pKa  for  HAc  falls  slightly  from  5  to  about  22°C  and  then 

rises  slowly.   The  pKa  values  in  the  H20/NMA  mixture  of  Xo  = 

0.06  start  slightly  lower  than  that  in  water  at  5°C  and  fall 

steadily  all  the  way  up  to  45°C.   As  AG£(diss.)  for  the  HAc 

dissociation  (see  equation  10)  is  directly  proportional  to 

(psKa  -  PwKa) ,  this  quantity  will  be  increasingly  negative 

for  the  transfer  from  water  to  the  H20/NMA  solvent  (X2  = 

0.06).   This  can  be  seen  quantitatively  in  Table  27,  where  the 

AG£(diss.)  values  are  listed  for  the  transfer  of  HAc  from 

water  to  the  three  mixtures,  at  the  nine  temperatures,  along 

with  AH£  and  AS°  for  the  same  transfer  at  25 °C.   As  with  HBr, 

the  experimental  data  were  not  deemed  to  be  accurate  enough 

to  justify  calculating  AH°  and  AS°  at  any  temperature  other 

l       t 

than  25 °C. 


Table   27.   Values  of  the  Thermodynamic  Transfer  Functions 
for  the  Transfer  of  Acetic  Acid  from  Water 
to  H-O/NMA  Solvents. 


AG£  (diss) 
(cal  mol   ) 


X2         

0.06      0.15     0.25     1.0a 


5 

-   6 

186 

517 

10 

-  19 

177 

512 

15 

-  34 

177 

505 

20 

-  46 

166 

496 

25 

-  65 

140 

484 

30 

-  79 

137 

487 

35 

-  97 

123 

471 

40 

-143 

97 

453 

45 

-175 

80 

437 

^S° 
Ccal  K 

(diss) 
"1  rooi"1) 

AH°  (diss) 

-1 

Ccal  mol   ) 


25  1,136      933     1,050 


Value  from  data  in  reference  6. 


3,412 


25  4.0      2.7      1.9 
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The  pK  values  in  the  X~  =  0.15  and  0.25  solvents  follow 
a  pK  /temperature  curve  almost  identical  to  that  in  the  Xo  = 
0.06  mixture,  but  the  values  are  all  well  above  those  in 
water.   This  is,  of  course,  in  conflict  with  the  Born  theory. 
It  demonstrates  that  strong  solvent-solute  interactions  are 
taking  place.   The  magnitude  of  these  interactions  is  several 
times  larger  and  of  opposite  sign  to  the  Born  dielectric 
effect. 

As  pointed  out  in  the  introductory  chapter,  these 
effects  could  be  due  to  a)  solvation  effects,  b)  basicity 
effects,  c)  structure  effects,  or  d)  ion-solvent  dipole 
interactions . 

The  proton  is  known  to  display  a  strong  preference  for 
water  over  many  other  solvents  such  as  alcohols,  ketones, 
acetic  acid,  and  the  molecules  of  dipolar  aprotic  solvents'"). 
Although  this  preference  is  often  proposed  to  explain  acid 
behavior  in  pure  nonaqueous  solvents  of  high  dielectric 
constant,  it  would  seem  that  in  a  system  which  contains 
0.50  mole  fraction  or  more  of  water  there  would  be  enough 
water  molecules  available  to  hydrate  any  hydrogen  ions  present, 

On  the  other  hand,  NMA  has  been  shown  to  exist  in  a 
linear  hydrogen-bonded  structure  where  it  should  be  possible 
for  the  undissociated  HAc  molecule  to  fit  into  the  linear 
chain  as  illustrated  in  Figure  17.   The  formation  of  a  dimer 
of  NMA  in  a  nonpolar  solvent  such  as  carbon  tetrachloride 
or  benzene  has  been  shown (^3)  to  be  accompanied  by  a  change 
in  Gibbs  energy  of  about  -1  kcal/mol;  thus  if  HAc  can 
reinforce  the  structure  of  NMA  by  the  formation  of  two 
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Figure  17.   Possible  Solvent  Stabilization  of  Acetic  Acid 

(CH-COOH)  by  NMA,  Through  Hydrogen  Bond  Formation 
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hydrogen  bonds,  the  Gibbs  energy  of  that  process  might 
contribute  2  kcal/mol  to  the  stabilization  of  the  HAc 
molecule . 

Although  dissociated  HBr  would  appear  to  be  slightly 
more  stable  in  NMA  than  in  water,  dissociated  HC1  would 
appear  to  be  slightly  less  stable  in  NMA.   In  the  face  of 
little  other  evidence  concerning  the  basicity  of  NMA 
relative  to  that  of  water,  it  would  seem  reasonable  to 
assume  that  any  such  differences  would  have  no  pronounced 
effect  on  the  free  energy  of  transfer  of  HAc  from  water 
to  a  mixture  of  water  and  NMA. 

Structural  effects  and  ion-dipole  effects  are  inter- 
related.  They  are  also  related  to  solvation  and  basicity 
effects.   Both  water  and  NMA  are  capable  of  hydrogen  bonding. 
Water,  however,  would  appear,  as  a  result  of  its  high  dipole 
moment  and  marked  basicity,  capable  of  stabilizing  H+  ions, 
whereas  the  linear  structure  of  NMA  would  conceivably  be  more 
suited  to  stabilization  of  the  undissociated  HAc  molecule. 
These  two  processes  will  have  opposing  effects  on  the  disso- 
ciation process,  and  indeed  the  observed  experimental  data 
are  in  the  indicated  directions. 

The  structure-breaking  effect  of  an  ion  in  solution,  due 
to  ion-dipole  interactions,  would  also  appear  likely  to  be 
stronger  in  water,  which  is  a  more  highly  associated  solvent 
than  NMA.   Since  ion-dipole  interactions  are  weaker  than  the 
hydrogen  bonds  between  solvent  molecules,  it  would  seem  that 
these  forces  would  tend  to  decrease  HAc  dissociation  in 


102 

water  as  compared  with  NMA  or  with  an  H?0/NMA  mixture. 
This  of  course  assumes  that  the  addition  of  NMA  to  water 
lowers  the  overall  structure  of  the  solvent  system,  which 
may  not  be  the  case  as  the  densities  of  the  solvents  suggest. 
An  accurate  assessment  of  the  importance  and  direction  of 
ion-solvent  dipole  interactions  in  H2O/NMA  mixtures  must 
evidently  await  further  studies  of  the  structure  of  these 
solvents . 

pKa  of  Protonated  Tris (hydroxymethyl)aminome thane 

From  an  examination  of  Figure  14  it  can  be  seen  that  the 
addition  of  NMA  to  water  causes  the  dissociation  of  TrisH+ 
to  increase.   This  dissociation  is  an  isoelectric  process 
resulting  in  no  increase  in  the  number  of  ions.   This  decrease 
in  the  value  of  pKa  continues  up  to  at  least  X2  =  0.25, 
which  is  as  far  as  the  available  data  extend.   At  each  sol- 
vent composition  the  pK  value  of  TrisH   falls  linearly  as 
the  temperature  is  raised,  as  it  does  in  water.   This  same 
behavior  is  observed  on  addition  of  NMP  to  water (45) ^  and 
by  analogy,  the  pK  is  expected  to  reach  a  minimum  value  and 
then  rise  again  as  a  solution  in  pure  NMA  is  approached. 

Because  of  the  isoelectric  nature  of  the  dissociation 
process,  the  Born  equation  would  predict  no  change  in  the 
value  of  the  pKa  of  TrisH   due  to  changing  solvent  dielectric 
constant.   The  observed  equilibrium  shift  must  therefore 
be  explained  in  terms  of  solute-solvent  interactions,  such 
as  those  discussed  in  the  previous  section.   It  would  be 
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tempting  to  describe  the  pKa  data  for  TrisH4"  as  being  due  to 
the  same  effects  as  for  HAc ,  minus  the  overlying  electrostatic 
effect  of  a  change  in  solvent  dielectric  constant.   It  would, 
however,  be  a  gross  error  not  to  take  into  account  the  great 
structural  differences  between  the  TrisH+/Tris  acid-base 
system  and  the  HAc/Ac~  system.   These  will  have  large  effects 
on  the  selective  solvation  of  the  species  other  than  H+  and 
will  markedly  effect  the  degree  of  dissociation.   Qualita- 
tively, however,  it  is  clear  that  the  observed  decrease  in 
pKa  with  increased  NMA  mole  fraction  is  due  to  increased  stab- 
ilization of  the  Tris  and  H+  species  by  the  solvent  and/or 
decreased  stablization  of  TrisH+. 

Results  of  Bates  et  al.  for  the  pKa  of  TrisH+  in  mixtures 
of  water  with  NMP  are  illustrated  in  Figure  18.   Comparison 
with  Figure  13  shows  that  over  the  range  for  which  data  are 
available,  the  dissociation  behavior  of  TrisH+  in  H?0/NMA 
is  completely  analogous  to  that  in  H20/NMP.   The  drop  in 
pKa  with  addition  of  NMP  was  attributed  by  these  authors 
mainly  to  the  high  negative  transfer  Gibbs  energy  for  HC1 
in  going  from  water  to  NMP.   An  addition  of  0.2  mole  fraction 
of  IMP  lowers  the  pKa  of  TrisH+  by  0.67  pK  units.   From 
Table  20  one  sees  that  on  addition  of  a  similar  amount  of  NMA 
the  pKa  of  TrisH   drops  0.78  units.   It  would  therefore  appear 


that  selective  solvation  of  HBr  by  NMA  is  a  major  factor  in 
the  dissociation  behavior  of  TrisH"1"  in  H-O/NMA  mixtures  of 
mole  fraction  NMA  less  than  0.25.   This  result  may  be  taken  as 
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evidence  that  pure  NMA  and  pure  NMP  are  more  basic  than 
water  in  their  effect  on  the  TrisHT1"  dissociation  process. 

Solubility  measurements  of  Tris  and  TrisHBr  would 
shed  some  light  on  this  problem. 

Table  28  lists  the  values  of  AG°(diss.)  for  the 
transfer  of  TrisH   from  water  to  the  three  H-O/NMA  media. 
These  values  readily  reflect  the  pK  trends  just  discussed 
and  were  used  to  calculate  the  listed  AH£(diss.)  and  AS£(diss.) 
values  at  25°C. 

Although  one  could  speculate  further  as  to  the  factors 
responsible  for  the  observed  trends  in  AHf  and  AS°   any 
concrete  interpretation  of  these  numbers  raust  await  the 
collection  of  further  data,  both  in  other  solvent  systems 
and  in  the  higher  concentrations  of  NMA  in  water . 
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Table   28.   Values  of  the  Thermodynamic  Transfer  Functions 
for  the  Transfer  of  TrisH   from  Water  to 
H-O/NMA  Solvents. 


AG?  (diss) 

-1 
Ccal  mol   ) 


tv  °C  X 


5 
10 
15 
20 

25 
30 
35 
40 
45 


2 


0.06      0.15     0.25 


-434 

-798 

-991 

-451 

-815 

-1,013 

-469 

-825 

-1,030 

-487 

-845 

-1,050 

-514 

-881 

-1,075 

-531 

-888 

-1,079 

-551 

-909 

-1,103 

-590 

-940 

-1,129 

-623 

-962 

-1,153 

AS °  (diss) 
Ccal-Kr^  tooI^1^ 


25  4.6       4.1      3.9 


AH° (diss) 

-1 
(cal  mol   ) 

25  860       353      86 


CHAPTER  IX 
CONCLUSIONS  AND  RECOMMENDATIONS  FOR  FUTURE  WORK 

Meaurements  of  the  emf  of  cells  without  liquid  junction 
containing  platinized  platinum-hydrogen  and  silver-silver- 
bromide  electrodes  have  been  used  to  measure  the  standard 
potential  of  the  silver-silver  bromide  electrode  in  solvents 
made  by  mixing  water  with  NMA  at  nine  temperatures  from  5  to 
45°C.   The  measured  standard  potentials,  along  with  similar 
meaurements  of  buffer  solutions,  were  used  to  determine  the 
pK  values  for  acetic  acid  and  protonated  tris  (hydroxymethyl) 
amino  methane  in  three  Ho 0/ NMA  solvents  at  the  same  nine 
temperatures . 

These  measurements  cover  a  range  of  solvent  properties 
and  acid  type.   Together  with  present  and  future  data  for 
electrolyte  behavior  in  solvents  with  dielectric  constants 
higher  than  that  of  water,  they  should  lead  to  an  increased 
understanding  of  the  relative  importance  of  various  solute- 
solvent  interactions  in  controlling  electrolyte  solution 
behavior . 

The  data  presented  here  indicate  that  acid  behavior 
in  solvents  of  high  dielectric  constant  is  quite  similar  to 
that  in  low  dielectric  constant  media,  suggesting  that  the 
effects  controlling  equilibrium  in  both  types  of  solvent 
are  similar.   Ion  pairing  is,  however,  of  less  concern  at 
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high  dielectric  constants.   The  results  seem  to  indicate  that 
the  effect  of  solvent  dielectric  constant  is  much  less 
important  than  previously  thought  and  that  such  effects  exert 
a  minor  influence  over  acid  dissociation  behavior  even 
in  solvents  with  extremely  high  dielectric  constants. 

It  appears  that  the  strong  solvating  properties  which 
water  displays  toward  H+  ion  may  be  strongly  due  to  the 
physical  structure  of  water  and  that  other  solvents  may  have 
similar  strong  solvating  abilities  for  other  species  with 
which  they  may  be  structurally  compatible. 

In  order  to  gain  a  fuller  understanding  of  how  solvent 
structure  affects  solute  dissociation,  a  greater  effort  will 
have  to  be  made  towards  determining  the  physical  structure 
of  mixed  solvent  systems  such  as  H^O/NMA,  I^O/NMP,  etc. 
Considering  the  effort  still  being  expended  on  the  structure 
of  pure  water,  it  is  obvious  that  a  tremendous  amount  of  work 
will  be  necessary  to  obtain  the  necessary  structural  informa- 
tion on  mixed  solvent  systems.   However,  it  is  difficult 
to  see  how  an  accurate  picture  of  solute-solvent  interactions 
can  be  arrived  at  without  a  fuller  knowledge  of  solvent- 
solvent  interactions, 

In  addition,  further  work  is  necessary  to  extend  the 
present  measurements  over  the  entire  possible  range  of 
HoO/NMA  compositions.   It  was  found  that  by  the  method  used 
here  stable  values  of  the  emf  could  not  be  obtained  in  a 
solvent  with  mole  fraction  of  NMA  equal  to  0.75.   Whether 
further  work  can  extend  emf  measurements  past  X_  =  0.50, 
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and  if  so  how  far.  should  be  determined.   The  pK   data  for 

r  a 

HAc  and  TrisH   should  also  be  extended  to  Xo  =  0.50,  and 
further  if  possible.   Additional  measurements  of  solubilities 
would  be  valuable  for  determining  the  AG°  values  of 
individual  species,  leading  to  an  increased  understanding 
of  selective  solvation. 

The  extension  of  such  thermodynamic  measurements  in  an 
orderly  fashion  to  additional  solvent  systems  should  prove 
very  useful  in  furthering  our  understanding  of  solute- solvent 
processes  in  solution.   Information  of  this  sort  should  be 
of  great  practical  use  to  all  chemists  who  carry  out  reactions 
in  solution  for  either  synthetic  or  analytical  purposes. 

It  is  to  be  hoped  that  the  information  contained  in  this 
dissertation  will  be  of  aid  in  reaching  that  goal. 
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